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Welcome to the study of physics. This volume, more of a 


student's guide than a text of the usual kind, is part of a 
whole group of materials that includes a student handbook, 
laboratory equipment, films, programmed instruction, readers, 
transparencies, and so forth. Harvard Project Physics has 
designed the materials to work together. They have all been 
tested in classes that supplied results to the Project for 


use in revisions of earlier versions. 


The Project Physics course is the work of about 200 scien- 
tists, scholars, and teachers from all parts of the country, 
responding to a call by the National Science Foundation in 
1963 to prepare a new introductory physics course for nation- 
wide use. Harvard Project Physics was established in 1964, 
on the basis of a two-year feasibility study supported by 
the Carnegie Corporation. On the previous pages are the 
names of our colleagues who helped during the last six years 
in what became an extensive national curriculum development 
program. Some of them worked on a full-time basis for sev- 
eral years; others were part-time or occasional consultants, 
contributing to some aspect of the whole course; but all 
were valued and dedicated collaborators who richly earned 
the gratitude of everyone who cares about science and the 


improvement of science teaching. 


Harvard Project Physics has received financial support 
from the Carnegie Corporation of New York, the Ford Founda- 
tion, the National Science Foundation, the Alfred P. Sloan 
Foundation, the United States Office of Education and Harvard 
University. In addition, the Project has had the essential 
Support of several hundred participating schools throughout 
the United States and Canada, who used and tested the course 


as it went through several successive annual revisions. 


The last and largest cycle of testing of all materials 
is now completed; the final version of the Project Physics 
course will be published in 1970 by Holt, Rinehart and 
Winston, Inc., and will incorporate the final revisions and 
improvements as necessary. To this end we invite our students 
and instructors to write to us if in practice they too discern 


ways of improving the course materials. 


The Directors 
Harvard Project Physics 
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Prologue In the earlier units of this course we studied 
the motion of bodies: bodies of ordinary size, such as we 
deal with in everyday life, and very large bodies, such as 
planets. We have seen how the laws of motion and gravita- 


tion were developed over many centuries and how they are 


used. We have learned about conservation laws, about waves, The photographs on these two 

: : . : pages illustrate some of the 
about light, and about electric and magnetic fields. All variety of forms of matter: large 
that we have learned so far can be used to study a problem and small, stable and shifting, 


animate and inanimate. 


which has bothered people for many centuries: the problem 

of the nature of matter. The phrase, "the nature of matter,” 
may seem simple to us now, but its meaning has been changing 
and growing over the centuries. The phrase really stands 

for the questions men ask about matter at any given date 

in the development of science; the kind of questions and the 
methods used to find answers to these questions are con- 
tinually changing. For example, during the nineteenth 
century the study of the nature of matter consisted mainly 

of chemistry; in the twentieth century the study of matter 


has moved into atomic and nuclear physics. 


Since 1800 progress has been so rapid that it is easy to 
forget that people have theorized about matter for more than 
2500 years. In fact some of the questions for which answers 
have been found only during the last hundred years were asked 
more than two thousand years ago. Some of the ideas we con- 
sider new and exciting, such as the atomic constitution of 
matter, were debated in Greece in the fifth and fourth cen- 
turies B.C. In this prologue we shall, therefore, review 
briefly the development of ideas concerning the nature of 
matter up to about 1800. This review will set the stage for 
the four chapters of Unit 5, which will be devoted, in greater 


detail, to the progress made since 1800 on the problem of the 





constitution of matter. It will be shown in these chapters 
that matter is made up of atoms and that atoms have structures 


about which a great deal of information has been obtained. 


Long before men started to develop the activities we call 
science, they were acquainted with snow, wind, rain, mist 
and cloud; with heat and cold; with salt and fresh water; 
wine, milk, blood and honey; ripe and unripe fruits; fertile 
and infertile seeds. They saw that plants, animals and men 
were born, that they grew and matured and that they aged 
and died. Men noticed that the world about them was contin- 


ually changing and yet, on a large scale, it seemed to re- 





main much the same. The causes of these changes and of the 
apparent continuity of nature were unknown. So men invented toad on log 
gods and demons who controlled nature. Myths grew up around 


the creation of the world and its contents, around See "Structure, Substruc- 
ture, Superstructure" in 


Project Physics Reader 5. 
onolith—The Face of Half Dome, 1927 (photo by Ansel Adams) 





The Greek mind loved clarity. 

In philosophy, literature, art 
and architecture it sought to 
interpret things with precision 
and in terms of their lasting 
qualities, It tried to discover 
the forms and patterns thought 

to be essential to an understand- 
ing of things. The Greeks de- 
lighted in showing these forms 
and patterns when they found 
them, Their art and architecture 
express beauty and intelligibil- 
ity by means of clarity and bal- 
ance of form, These aspects of 
Greek thought are beautifully 
expressed in the shrine of Delphi. 
The theater, which could seat 
5,000 spectators, impresses us 
because of the size and depth of 
the tiered, semicircular seating 
structure, But even more strik- 
ing is the balanced, orderly way 
in which the theater is shaped 
into the landscape so that the 
entire landscape takes on the 
aspect of a giant theater, The 
Athenian Treasury has an orderly 
system of proportions, with form 
and function integrated into a 
logical, pleasing whole. The 
statue of the charioteer, with 
its balance and firmness, repre- 
sents a genuine ideal of male 
beauty. After more than 2,000 
years we are still struck by the 
freedom and elegance of ancient 
Greek thought and expression, 





Greek Ideas of Order 











Basing his ideas on the tradition of atomists dating 
back to the greek philosophers, Democritus and Leucippus, 
Lucretius wrote in his poem, De rerum natura (Concerning 
the Nature of Things), "...Since the atoms are moving 
freely through the void, they must all be kept in motion 
either by their own weight or on occasion by the impact 
of another atom. For it must often happen that two of 
them in their course knock together and immediately 
bounce apart in opposite directions, a natural conse- 
quence of their hardness and solidity and the absence 
of anything behind to stop them. 


"As a further indication that all particles of matter 
are on the move, remember that the universe is bottom- 
less: there is no place where the atoms could come to 
rest. As I have already shown by various arguments and 
proved conclusively, space is without end or limit and 
spreads out immeasurably in all directions alike. 


"It clearly follows that no rest is given to atoms 
in their course through the depths of space. Driven 
along in an incessant but variable movement, some of 
them bounce far apart after a collision while others 
recoil only a short distance from the impact. From 
those that do not recoil far, being driven into a closer 
union and held there by the entanglement of their own 
interlocking shapes, are composed firmly rooted rock, 
the stubborn strength of steel and the like. Those 
others that move freely through larger tracts of space, 
springing far apart and carried far by the rebound— 
these provide for us thin air and blazing sunlight. 
Besides these, there are many other atoms at large in 
empty space which have been thrown out of compound 
bodies and have nowhere even been granted admittance 
so as to bring their motions into harmony." 





This gold earring, made in Greece 
about 600 B.C., shows the great 
skill with which ancient artisans 
worked metals. 


Museum of Fine Arts, Boston. 


the changes of the seasons, around the events man could see 


happening but could not understand. 


Over a long period of time men developed some control 
over nature: they learned how to smelt ores, to make 
weapons and tools, to produce gold ornaments, glass, perfumes, 
medicines and beer. Eventually, in Greece, about the year 
600 B.C., philosophers—the lovers of wisdom—started to look 
for rational explanations of natural events, that is, ex- 
planations that did not depend on the whims of gods or 
demons. They sought to discover the enduring, unchanging 
things out of which the world is made. They started on the 
problem of explaining how these enduring things can give 
rise to the changes that we perceive. This was the beginning 
of man's attempts to understand the material world—the 


nature of matter. 


The earliest Greek philosophers thought that all the 
different things in the world were made out of a single basic 
substance, or stuff. Some thought that water was the 
fundamental substance and that all other substances were 
derived from it. Others thought that air was the basic 
substance; still others favored fire. But neither water, 
air nor fire was satisfactory; no one substance seemed to 
have enough different properties to give rise to the enormous 
variety of substances in the world. According to another 
view, introduced by Empedocles around 450 B.C., there are 
four basic types of matter: earth, air, fire and water; 
all material things were made out of them. Change comes 
about through the mingling and separation of these four 
basic materials which unite in different proportions to 
produce the familiar objects around us; but the basic 
materials were supposed to persist through all these changes. 
This theory was the first appearance in our scientific 
tradition of a model of matter according to which all material 
things are just different arrangements of a few eternal 


substances, or elements. 


The first atomic theory of matter was introduced by the 
Greek philosopher Leucippus, born about 500 B.C., and his 
pupil Democritus, who lived from about 460 B.C. to 370 B.C. 
Only scattered fragments of the writings of these philosophers 
remain, but their ideas are discussed in considerable detail 
by Aristotle (384-322 B.C.), by another Greek philosopher, 
Epicurus (341-270 B.C.) and by the Latin poet Lucretius 
(100-55 B.C.). It is to these men that we owe most of our 


knowledge of ancient atomism. 


The theory of the atomists was based on a number of 


assumptions: (1) that matter is eternal, and that no 


material thing can come from nothing, nor can anything 
material pass into nothing; (2) that material things 
consist of very minute, but not infinitely small, 
indivisible particles—the word "atom" meant "uncuttable" 
in Greek and, in discussing the ideas of the early 
atomists, we could use the word "indivisibles" instead 
of the word "atoms"; (3) that all atoms are of the 

same kind, that is, of the same substance, but differ in 
size, shape and position; (4) that the atoms exist in 
otherwise empty space (void), which separates them, and 
because of this space they are capable of movement; 

(5) that the atoms are in ceaseless motion although the 
nature and cause of the atomic motions are not clear. 
In the course of their motions atoms come together and 
form combinations which are the material substances we 
know. When the atoms forming these combinations separate, 
the substances break up. Thus, the combinations and 
separations of atoms give rise to the changes which take 
place in the world. The combinations and separations 
take place in accord with natural laws which are not 
known, but do not require the action of gods or demons 


or other supernatural powers. 


With the above assumptions, the ancient atomists were 
able to work out a consistent story of change, of what 
they sometimes called "coming-to-be" and "passing-away." 
They could not prove experimentally that their theory was 
correct, and they had to be satisfied with a rational 
explanation based on assumptions that seemed reasonable 
to them. The theory was a "likely story," but it was not 


useful for the prediction of new phenomena. 


The atomic theory was criticized severely by Aristotle, 
who argued, on logical grounds, that no vacuum or void 
could exist and that the ideas of atoms with their 
inherent motion must be rejected. For a long time 
Aristotle's argument against the void was convincing. 
Not until the seventeenth century did Torricelli's 
experiments (described in Chapter 12) show that a vacuum 
could indeed exist. Aristotle also argued that matter 
is continuous and infinitely divisible so that there can 


be no atoms. 


Aristotle developed a theory of matter as part of his 
grand scheme of the universe, and this theory, with some 
modifications, was thought to be satisfactory by most 
philosophers of nature for nearly two thousand years. 


His theory of matter was based on the four basic substances 


According to Aristotle in his 
Metaphysics, "There is no con- 
sensus concerning the number or 
nature of these fundamental sub- 
stances. Thales, the first to 
think about such matters, held 
that the elementary substance is 
clear liquid....He may have got- 
ten this idea from the observa- 
tion that only moist matter can 
be wholly integrated into an ob- 
ject——so that all growth depends 
on moisture.... 


"Anaximenes and Diogenes held 
that colorless gas is more ele- 
mentary than clear liquid, and 
that, indeed, it is the most ele- 
mentary of all simple substances. 
On the other hand, Hippasus of 
Metapontum and Heraclitus of 
Ephesus said that the most ele- 
mentary substance is heat. 
Empedocles spoke of four ele- 
mentary substances, adding dry 
dust to the three already men- 
tioned...Anaxagoras of Clazomenae 
says that there are an infinite 
number of elementary constituents 
of matter...."" [From a transla- 
tion by D. E. Gershenson and 

D. A. Greenberg: ] 


EARTH 





WATER 


or "elements," earth, air, fire and water, and four 
"qualities," cold, hot, moist and dry. Each element was 
characterized by two qualities. Thus the element 


earth is dry and cold 


water is cold and moist 
air is moist and hot 
five aS hot and dry. 


According to Aristotle, it is always the first of the two 
qualities which predominates. The elements are not 
unchangeable; any one of them may be transformed into any 
other because of one or both of its qualities changing 
into opposites. The transformation takes place most easily 
between two elements having one quality in common; thus 
earth is transformed into water when dryness changes into 
moistness. Aristotle worked out a scheme of such possible 
transformations which can be shown in the following 
diagram: 
fre Earth can also be transformed into air 
if both of the qualities of earth (dry, 
cold) are changed into their opposites 
(moist, hot). Water can be transformed 
into fire if both of its gualities 
(cold, moist) are changed into their 


opposites (hot, dry). 


AIR Aristotle was also able to explain 
many natural phenomena by means of his 
ideas. Like the atomic theory, Aris- 
totle's theory of coming-to-be and 
passing-away was consistent, and consti- 
tuted a model of the nature of matter. 
It had certain advantages over the 
atomic theory: it was based on ele- 
ments and qualities that were familiar 

to people; it did not involve the use of atoms, which 

couldn't be seen or otherwise perceived, or of a void, 
which was difficult to imagine. In addition, Aristotle's 
theory provided some basis for further experimentation: 
it supplied what seemed like a rational basis for the 


possibility of changing one material into another. 


During the period 300 A.D. to about 1600 A.D., atomism 
declined although it did not die out completely. Chris- 
tian, Hebrew and Moslem theologians considered atomists 
to be "atheistic" and "materialistic" because they claimed 
that everything in the universe can be explained in terms 
of matter and motion. The atoms of Leucippus and Democritus 


moved through empty space, devoid of spirit, and with no 


definite plan or purpose. Such an idea was contrary to 


the beliefs of the major religions. 


About 300 or 400 years after Aristotle, a kind of re- 
search called alchemy appeared in the Near and Far East. 
Alchemy in the Near East was a combination of Aristotle's 
ideas about matter with methods of treating ores and met- 
als. One of the aims of the alchemists was to change, or 
Although they 
failed to do this, alchemy (along with metallurgy) was a 


transmute, ordinary metals into gold. 
forerunner of chemistry. The alchemists studied many of 
the properties of substances that are now classified as 
chemical properties. They invented many of the pieces of 
chemical apparatus that are still used, such as reaction 
They studied 


such processes as calcination, distillation, fermentation 


vessels (retorts) and distillation flasks. 
and sublimation. In this sense alchemy may be regarded 

as the chemistry of the Middle Ages. But alchemy left un- 
solved some of the fundamental questions. At the opening 
of the-eighteenth century the most important of these 
questions were: first, what is a chemical element; second, 
what is the nature of chemical composition and chemical 
change, especially burning; third, what is the chemical 
nature of the so-called elements, air, fire and water. 
Until these questions were answered, it was impossible 

to make real progress in finding out what matter is. One 
result was that the "scientific revolution" of the seven- 
teenth century, which clarified the problems of astronomy 
and dynamics, did not reach chemistry until the eighteenth 


century. 


During the seventeenth century, however, some forward 
steps were made which supplied a basis for future progress 
on the problem of matter. The Copernican and Newtonian 


revolutions undermined the authority of Aristotle to such 


an extent that his ideas about matter were also questioned. 


Atomic concepts were revived because atomism offered a way 
of looking at things that was very different from Aris- 
totle's ideas. As a result theories involving "atoms," 
"“pbarticles" or "corpuscles" were again considered seri- 
ously. Boyle's models of a gas (Chapter 11) were based 
on the idea of "gas particles." Newton also discussed 
the behavior of a gas (and even of light!) by supposing 
it to consist of particles. Thus, the stage was set Loa 


a general revival of atomic theory. 


In the eighteenth century, chemistry became more quan- 


titative as the use of the balance was increased. Many 





Laboratory of a 16th-century 
alchemist. 


One of those who contributed 
greatly to the revival of atomism 
was Pierre Gassendi (1592-1655), 
a French priest and philosopher. 
He avoided the criticism of atom- 
ism as atheistic by saying that 
God also created the atoms and 
bestowed motion upon them. 
Gassendi accepted the physical 
explanations of the atomists, 

but rejected their disbelief in 
the immortality of the soul and 
in Divine Providence. He was 
thus able to provide a philo- 
sophical justification of atomism 
which met some of the serious 
religious objections. 
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Title page of Lavoisier's Traité 


Elémentarie de Chimie (1789) 


new substances were isolated and their properties examined. 
The attitude that grew up in the latter half of the cen- 
tury was exemplified by that of Henry Cavendish (1731-1810), 
who, according to a biographer, regarded the universe as 
consisting 

..-solely of a multitude of objects which could be 

weighed, numbered, and measured; and the vocation to 

which he considered himself called was to weigh, num- 
ber, and measure as many of those objects as his al- 
loted threescore years and ten would permit....He 
weighed the Earth; he analysed the Air; he discovered 
the compound nature of Water; he noted with numerical 
precision the obscure actions of the ancient element 

Fire. 

Eighteenth-century chemistry reached its peak in the 
work of Lavoisier (1743-1794), who worked out the modern 
views of combustion, established the law of conservation 
of mass (see Chapter 9), explained the elementary nature 
of hydrogen and oxygen and the composition of water, and 
emphasized the quantitative aspects of chemistry. His 
famous book, Traité Elémentaire de Chimie (or Elements of 
Chemistry), published in 1789, established chemistry as 
a modern science. In it, he analyzed the idea of element 
in a way which is very close to our modern views: 

..if, by the term elements we mean to express those 

Simple and indivisible atoms of which matter is com- 


posed, it is extremely probable that we know nothing 
at all about them; but if we apply the term elements, 


or principles of bodies, to express our idea of the 
last point which analysis is capable of reaching, we 


must admit as elements, all the substances into which 
we are capable, by any means, to reduce bodies by de- 
composition. Not that we are entitled to affirm that 
these substances we consider as simple may not be com- 
pounded of two, or even of a greater number of prin- 
ciples; but since these principles cannot be separated, 
or rather since we have not hitherto discovered the 
means of separating them, they act with regard to us 
as simple substances, and we ought never to suppose 
them compounded until experiment and observation have 
proved them to be so. 


During the latter half of the eighteenth century and 
the early years of the nineteenth century great progress 
was made in chemistry because of the increasing use of 
quantitative methods. Chemists found out more and more 
about the composition of substances. They separated 
many elements and showed that nearly all substances are 
compounds—-combinations—of chemical elements. They 
learned a great deal about how elements combine to form 
compounds and how compounds can be broken down into the 
elements of which they are composed. This information 
made it possible for chemists to establish certain laws 
of chemical combination. Then chemists sought an expla- 
nation for these laws. 





i 


During the first ten years of the nineteenth century, John 


Dalton, an English chemist, introduced a modified form of the 


old Greek atomic theory to account for the laws of chemical 
combination. It is here that the modern story of the atom 
begins. Dalton's theory was an improvement over that of 
Democritus, Epicurus and Lucretius because it opened the way 
for the quantitative study of the atom in the nineteenth 

Today the existence of the atom is no longer a topic 


century. 
There are many kinds of experimental evi- 


of speculation. 
dence, not only for the existence of atoms but also for their 


This evidence, which began to accumulate about 
In this unit we shall 


STEUCCUrG. 
150 years ago, is now convincing. 
trace the discoveries and ideas that produced this evidence. 


The first mass of convincing evidence for the existence 
of atoms and the first clues to the nature of atoms came 
from chemistry. We shall, therefore, start with chemistry 
in the early years of the nineteenth century: this is the 


subject of Chapter 17. We shall see that chemistry raised 


certain questions about atoms which could only be answered 
by physics. Physical evidence, accumulated in the nineteenth 
century and the early years of the twentieth century, made it 
possible to propose atomic models of atomic structure. 

This evidence and the earlier models will be discussed in 


Chapters 18 and 19. The latest ideas about atomic theory 


will be discussed in Chapter 20. 


emical laboratory of the 18th century 
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Chapter 17. The Chemical Basis of Atomic Theory 


Section Page 

17.1 Dalton's atomic theory and the laws aa: 
of chemical combination 

17.2 The atomic masses of the elements 5 

17.3 Other properties of the elements: By / 
valence 

17.4 The search for order and regularity 19 
among the elements 

17.5 Mendeleev's periodic table of the 21 
elements 

17.6 The modern periodic table 25 

17.7 Electricity and matter: qualitative 28 
studies 

17.8 Electricity and matter: quantitative pl 
studies 
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Strontian Barytes Zinc Copper 
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Lead Silver Platina Mercury 


Dalton's symbols of the elements 


17.1Dalton's atomic theory and the laws of chemical combination. 


The atomic theory of John Dalton appeared in his treatise, 


A New System of Chemical Philosophy, published in two parts, 
in 1808 and 1810. The main postulates of his theory were: 


(1) Matter consists of indivisible atoms. 


...-matter, though divisible in an extreme deqree ais 
nevertheless not infinitely divisible. That is, 
there must be some point beyond which we cannot go 
in the division of matter. The existence of these 
ultimate particles of matter can scarcely be doubted, 
though they are probably much too small ever to be 
exhibited by microscopic improvements. I have chosen 
the word atom to signify these ultimate particles.... 
(2) Each element consists of a characteristic kind of 
identical atoms. There are consequently as many different 
kinds of atoms as there are elements. The atoms of an 


element "are perfectly alike in weight and figure, etc." 
(3) Atoms are unchangeable. 


(4) When different elements combine to form a compound, 
the smallest portion of the compound consists of a grouping 


of a definite number of atoms of each element. 


(5) In chemical reactions, atoms are neither created 


nor destroyed, but only rearranged. 


Dalton's theory really grew out of his interest in 
meteorology and his research on the composition of the 


Meteorology is a science that 
atmosphere. He tried to explain many of the physical deals with the atmosphere and 


At first he its phenomena—weather forecast- 


properties of gases in terms of atoms. : 7 
ing is one branch of meteorology. 


assumed that the atoms of all the different elements had 
the same size. But this assumption didn't work and he 
was led to think of the atoms of different elements as 
being different in size or in mass. In keeping with the 
quantitative spirit of the time, he tried to determine 
the numerical values for the differences in mass. But 
before considering how to determine the masses of atoms 
of the different elements, let us see how Dalton's 
postulates make it possible to account for the laws of 


chemical combination. 


We consider first the law of conservation of mass. 
In 1774, Lavoisier studied the reaction between tin and 
oxygen in a closed and sealed container. When the tin 
is heated in air, it reacts with the oxygen in the air 
to form a compound, tin oxide, which is a white powder. 
Lavoisier weighed the sealed container before and after 
the chemical reaction and found that the mass of the 
container and its contents was the same before and after 


the reaction. A modern example of a similar reaction is 


L2 


See "Failure and Success" in 
Project Physics Reader 5. 


17.1 

the flashing of a photographic flash bulb containing mag- 
nesium. The flash bulb is an isolated system containing two 
elements, magnesium (in the form of a wire) and oxygen gas, 
sealed in a closed container. When an electric current passes 


through the wire, a chemical reaction occurs with a bril- 
liant flash. Magnesium and oxygen disappear, and a white 


powder, magnesium oxide, is formed. Comparison of the mass 
after the reaction with the mass before the reaction shows 
that there is no detectable change in mass; the mass is 
the same before and after the reaction. Careful work by 
many experimenters on many chemical reactions has shown 
that mass is neither destroyed nor created, in any detect-- 
able amount, in a chemical reaction. This is the law of 


conservation of mass. 


According to Dalton's theory (postulates 4 and 5) chem-- 
ical changes are only the rearrangements of unions of 
atoms. Since atoms are unchangeable (according to postu- 
late 3) rearranging them cannot change their masses. 
Hence, the total mass of all the atoms before the reaction 
must equal the total mass of all the atoms after the 
reaction. Dalton's atomic theory, therefore, accounts 
in a simple and direct way for the law of conservation 


of mass. 


A second law of chemical combination which could be 
explained easily with Dalton's theory is the law of 
definite proportions. This law states that a particular 
chemical compound always contains the same elements united 
in the same proportions by weight. For example, the ratio 
of the masses of oxygen and hydrogen which combine to 


form water is always 7.94 to 1, that is, 


mass of oxygen — 7.94 


mass of hydrogen = 1 * 

If there is more of one element present, say 10 grams of 
oxygen and one gram of hydrogen, only 7.94 grams of oxygen 
will combine with the hydrogen. The rest of the oxygen, 


2.06 grams, remains uncombined. 


The fact that elements combine in fixed proportions 
means also that each chemical compound has a certain defi- 
nite composition. Thus, by weight, water consists of 88.8 
percent oxygen and 11.2 percent hydrogen. The decomposition 
of sodium chloride (common salt) always gives the results: 
39 percent sodium and 61 percent chlorine by weight. This 
is another way of saying that 10 grams of sodium always 


combine with 15.4 grams of chlorine to form sodium chloride. 


Hence, the law of definite proportions is also referred to 
as the law of definite composition. 


17.1 
Now let us see how Dalton's theory can be applied to 


a chemical reaction, say, to the formation of water from 
oxygen and hydrogen. First, according to Dalton's second 
postulate, all the atoms of oxygen have the same mass; 
all the atoms of hydrogen have the same mass, which is 
different from the mass of the oxygen atoms. To express 
the mass of the oxygen entering into the reaction, we 
multiply the mass of a single oxygen atom by the number 
of oxygen atoms: 


mass of oxygen = ( ell Ae x ( deperk ae ‘\ SG 17.1 


oxygen atom oxygen atoms 
SG 17.2 


Similarly, the mass of hydrogen entering into the reaction 
is equal to the product of the number of hydrogen atoms 
entering into the reaction and the mass of one hydrogen 


atom: 


mass of hydrogen -( mass of 1 ) 7 ( number of ), 


hydrogen atom hydrogen atoms 


To get the ratio of the mass of oxygen entering into the 
reaction to the mass of hydrogen entering into the reac- 


tion, we divide the first equation by the second equation: 


mass of 1 number of 
mass of oxygen oxygen atom oxygen atoms 
ee — —————————— x a a cr ig 4 
mass of hydrogen mass of 1 number of tial Ls 
hydrogen atom hydrogen atoms 


Now, the masses of the atoms do not change (postulate 3), 
so the first ratio on the right side of the resulting 
equation has a certain unchangeable value, According to 
postulate 4, the smallest portion of the compound, water 
(now called a molecule of water) consists of a definite 
number of atoms of each element. Hence the numerator of 
the second ratio on the right side of the equation has a 
definite value, and the denominator has a definite value, 
so the ratio has a definite value. The product of the two 
ratios on the right hand side therefore, has a certain 
definite value. This equation then tells us that the ratio 
of the masses of oxygen and hydrogen that combine to form 
water must have a certain definite value. But this is just 
the law of definite proportions or definite composition. 
Thus, Dalton's theory also accounts for this law of chem- 


ical combination. 


There are other laws of chemical combination which are 


explained by Dalton's theory. Because the argument would 
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John Dalton (1766-1844). His 
first love was meteorology and 
he kept careful daily weather 
records for 46 years—a total of 
200,000 observations. He was 
the first to describe color 
blindness in a publication, and 
was color-blind himself, not 
exactly an advantage for a 
chemist who had to see color 
changes in chemicals (his color 
blindness may help to explain 
why Dalton was a rather clumsy 
and slipshod experimenter). But 
his accomplishments rest not 
upon successful experiments, but 
upon his interpretation of the 
work of others. Dalton's notion 
that all elements were composed 
of extremely tiny, indivisible 
and indestructible atoms, and 
that all substances are composed 
of combinations of these atoms 
was accepted by most chemists 
with surprisingly little opposi- 
tion. There were many attempts 
to honor him, but being a Quaker, 
he shunned any form of glory. 
When he received a doctor's de- 
gree from Oxford, his colleagues 
wanted to present him to King 
William IV. He had always re- 
sisted such a presentation be- 
cause he would not wear court 
dress. However, his Oxford 
robes would satisfy the protocol. 
Unfortunately, they were scarlet 
and a Quaker could not wear scar- 
let. But Dalton could see no 
scarlet and was presented to the 
king in robes which he saw as 


gray. 





A page from Dalton's notebook, 
showing his representation of 
two adjacent atoms (top) and of 
a molecule or "compound atom" 
(bottom) 


get complicated and nothing really new would be added, we 


shall not discuss them. 


Dalton's interpretation of the experimental facts of 
chemical combination made possible several important con- 
clusions: (1) that the differences between one chemical 
element and another would have to be described in terms 
of the differences between the atoms of which these ele- 
ments were made up; (2) that there were, therefore, as 
many different types of atoms as there were chemical 
elements; (3) that chemical combination was the union of 
atoms of different elements into molecules of compounds. 
Dalton's theory also showed that the analysis of a large 
number of chemical compounds could make it possible to 
assign relative mass values to the atoms of different 
elements. This possibility will be discussed in the 
next section. 

sss ems amremetantssesnenninssntneiineseateinierceeiaracoe iene oe eee ee 


Q1 What did Dalton assume about the atoms of an element? 


14 Q2 What two experimental laws did Dalton's assumptions explain? 
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17.2 The atomic masses of the elements. One of the most 


important concepts to come from Dalton's work is that of 
atomic mass and the possibility of determining numerical 
values for the masses of the atoms of different elements. 
Dalton had no idea of the actual masses of atoms except 
that he thought they were very small. In addition, 
reasonable estimates of atomic size did not appear until 
about 50 years after Dalton published his theory. They 
came from the kinetic theory of gases and indicated that 
atoms (or molecules) had diameters of the order of 10-!° 
meter. Atoms are thus much too small for mass measurements 
to be made on single atoms. But relative values of atomic 
masses can be found by using the law of definite proportions 


and experimental data on chemical reactions. 


To see how this could be done we return to the case of 
water, for which, as we saw in the last section, the ratio 
of the mass of oxygen to the mass of hydrogen is 7.94:1. 
Now, if we knew how many atoms of oxygen and hydrogen are 
contained in a molecule of water we could find the ratio 
of the mass of the oxygen atom to the mass of the hydro- 
gen atom. Dalton didn't know the numbers of oxygen and 
hydrogen atoms in a molecule of water. He therefore made 
an assumption. As scientists often do, he made the simplest 
assumption, namely, that one atom of oxygen combines with 
one atom of hydrogen to form one "compound atom" (molecule) 
of water. By this reasoning Dalton concluded that the 
oxygen atom is 7.94 times more massive than the hydrogen SG 17.4 
atom. : SG 17,5 


More generally, Dalton assumed that when only one com- 
pound of two elements, A and B, exists, one atom of A 
always combines with one atom of B. Although Dalton could 
then find values of the relative masses of different atoms 
later work showed that Dalton's assumption of one to one 
ratios was often incorrect. For example, it was found 
that one atom of oxygen combines with two atoms of hydro- 
gen to form one molecule of water, so the ratio of the 
mass of an oxygen atom to the mass of a hydrogen atom is 
15.88 instead of 7.94. By studying the composition of 
water as well as many other chemical compounds, Dalton 
found that the hydrogen atom appeared to have less mass 
than the atoms of any other elements. Therefore, he pro- 
posed to express the masses of atoms of all other elements 
in terms of the mass of the hydrogen atom. Dalton defined 
the relative atomic mass of an element as the mass of an 
atom of that element compared to the mass of a hydrogen 


atom. This definition could be used by chemists in the 


LS 


SG 17.6 


SG 17.7 


od 
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The progress made in identifying 
elements in the 19th century may 
be seen in the following table. 


Total number 


Year of elements identified 
1720 14 
1740 a5 
1760 Lz 
1780 21 
1800 31 
1820 49 
1840 56 
1860 60 
1880 69 
1900 83 


Several different representations 
of a water molecule. 
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17.2 
nineteenth century even before the masses of individual 


atoms could be measured directly. All that was needed 
was the ratios of masses of atoms; these ratios could be 
found by measuring the masses of substances in chemical 
reactions (see Sec. 17.1). For example, we can say that 
the mass of a hydrogen atom is "one atomic mass unit" 

(1 amu). Then, if we know that an oxygen atom has a mass 
15.88 times as great as that of a hydrogen atom, we can 
say that the atomic mass of oxygen is 15.88 atomic mass 
units. The system of atomic masses used in modern 
physical science is based on this principle, although it 
differs in details (and the standard for comparison is 


now carbon instead of oxygen). 


During the nineteenth century chemists extended and 
improved Dalton's ideas. They studied many chemical 
reactions quantitatively, and developed highly accurate 
methods for determining relative atomic and molecular 
masses. More elements were isolated and their relative 
atomic masses determined. Because oxygen combined readily 
with many other elements chemists decided to use oxygen 
rather than hydrogen as the standard for atomic masses. 
Oxygen was assigned an atomic mass of 16 so that hydrogen 
could have an atomic mass close to one. The atomic masses 
of other elements could be obtained, relative to that of 
oxygen, by applying the laws of chemical combination to 
the compounds of the elements with oxygen. By 1872, 63 
elements had been identified and their atomic masses 
determined. They are listed in Table 17.1, which gives 
modern values for the atomic masses. This table contains 
much valuable information, which we shall consider at 
greater length in Sec. 17.4. (The special marks, circles 


and rectangles, will be useful then.) 





Q3 Was the simplest chemical formula necessarily correct? 


Q4 Why did Dalton choose hydrogen as the unit of atomic mass? 
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: Table 17.1 Elements known by 1872 

§ 

i Atomic Atomic 

: Name Symbol Mass* Name Symbol Mass* 

_ hydrogen H 0 cadmium Cd 112.4 

# Olithium Li 6.9 indium In Mae 83) 
' beryllium Be 9.0 tin Sn 187 

: boron B 10.8 antimony Sb role 

_ carbon Cc 2s 0 tellurium Te 1272 6(125) 
f nitrogen N 14.0 O iodine I 126.9 

5 oxygen O Jey @, Ocesium Cs eS 2 

¢ Ofluorine F 19% 0 barium Ba IW Shi7f ate 

_ Osodium Na 2 die 0 didymium (**) Di — (138) 
' magnesium Mg 2 Eisi3 cerium Ce nie: Wats | 

» aluminum Al 2770 erbium Er DOWeS) Gla.8)) 
f silicon Si 2B lanthanum La 138.9(180) 
' phosphorus P SL. tantalum Ta 180, 9, (132) 
} sulfur S Fe tungsten W 183.9 

- Ochlorine ea 3545 osmium Os 19.00 2(195) 
| Opotassium K clk iridium cr 12520197) 
» calcium Ca AOR platinum Pt 19521 (198) 
f titanium Ta AGP gold Au OWE 0'(1:9;9)) 
' vanadium V a0 yo mercury Hg 200.6 

_ chromium Or 52°20 thallium TP 204.4 

' manganese Mn 5A. 9 lead Pb 20 Te 2 

f iron Fe 55.8 bismuth Bi 2097.0 

i cobalt Co 5829 thorium Th 235270 

# nickel Ni BA os7, uranium U 238.0(240) 
_ copper Cu ae ee 

4; zinc Zn 65.4 * Atomic masses given are 

' arsenic As hao modern values. Where these 
_ selenium Se 79.0 differ greatly from those 

- Obromine Rr 79.9 accepted in 1872, the old 

- Orubidium Rb Bono values are given in paren- 

strontium Sr 87.6 theses. 

f yttrium Sit 88.9 

§ zirconium Zr 2h ae ** Didymium (Di) was later 

_ niobium Nb 92.9 shown to be a mixture 

_ molybdenum Mo 95..2 of two different ele- 

_ ruthenium Ru TOL. £( 204) ments, namely praseodymium 
» rhodium Rh 102.9(104) (Pr; atomic mass 140.9) and 
; palladium Pd 106.4 neodymium (Nd; atomic mass 

' silver Ag 107.9 144.2); 

é Ohalogens UOalkaline metals 


seat 
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T2Otier Properties of the elements: valence. In addition 
to the atomic masses, many other properties of the 
elements and their compounds were determined. Among 
these properties were: melting point, boiling point, 
density, electrical conductivity, thermal conductivity 


(the ability to conduct heat), specific heat (the amount In the thirteenth century a 


of heat needed to change the temperature of one gram of 

a substance by ieee ne hardness, refractive index and others. 
The result was that by 1870 an enormous amount of information 
was available about a large number of elements and their 


compounds. 


One of the most important properties that chemists 
studied was the combining ability or combining capacity 


of an element. This property, which is called valence, 


great theologian and philosopher, 
Albertus Magnus (Albert the 
Great) introduced the idea of 
affinity to denote an attractive 
force between substances that 
causes them to enter into chemi- 
cal combination. It was not un- 
til 600 years later that it 
became possible to replace this 
qualitative notion by quantita- 
tive concepts. Valence is one 
of these quantitative concepts. 


a7] 


hyo 





Representations of molecules 
formed from "atoms with hooks." 
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17.3 
plays an important part in our story. As a result of 


studies of chemical compounds, chemists were able to 
assign formulas to the molecules of compounds. These 
formulas show how many atoms of each element are 
contained in a molecule. For example, water has the 
familiar formula H,0O, which indicates that the smallest 
piece of water that exists as water contains two atoms 

of hydrogen and one atom of oxygen. Hydrogen chloride 
(hydrochloric acid) has the formula HCl; one atom of 
hydrogen combines with one atom of chlorine. Common salt 
may be represented by the formula NaCl; this indicates 
that one atom of sodium combines with one atom of chlorine 
to form sodium chloride. Another salt, calcium chloride 
(which is used to melt ice on roads), has the formula 
CaCl5; one atom of calcium combines with two atoms of 
chlorine to form this compound. Carbon tetrachloride, 

a common compound of chlorine used for dry cleaning, has 
the formula CCl, where C stands for a carbon atom which 
combines with four chlorine atoms. Another common 
substance, ammonia, has the formula NH3; in this case one 


atom of nitrogen combines with three atoms of hydrogen. 


There are especially important examples of combining 
capacity among the gaseous elements. For example, 
hydrogen occurs in nature in the form of molecules each 
of which contains two hydrogen atoms. The molecule of 
hydrogen consists of two atoms and has the formula H>. 
Similarly chlorine has the molecular formula Cl». Chemical 
analysis always gives these results. It would be wrong 
to try to assign the formula H3 or H, to a molecule of 
hydrogen, or Cl, Cl3 or Cl, to a molecule of chlorine. 
These formulas would just not agree with the results of 
experiments on the composition and properties of hydrogen 


or chlorine. 


The above examples indicate that different elements 
have different capacities for chemical combination. It 
was natural for chemists to seek an explanation for these 
differences. They asked the question: why does a sub- 
stance have a certain molecular formula and not some 
other formula? An answer would be possible were we to 
assume that each species of atom is characterized by 
some particular combining capacity, or valence. At one 
time valence was considered as though it might represent 
the number of hooks possessed by a given atom, and thus 
the number of links that an atom could form with others of 
the same or different species. If hydrogen and chlorine 


atoms each had just one hook (that is, a valence of 1) we 


17.3 
would readily understand how it is that molecules like 


Hj, Clj and HCl are stable, while certain other species 
like H3, H2Cl, HCly and Cl3 don't exist at all. And if 
the hydrogen atom is thus assigned a valence of 1, the 
formula of water (H,0) requires that the oxygen atom has 
two hooks or a valence of 2. The formula NH3 for ammonia 
leads us to assign a valence of three to nitrogen; the 
formula CH, for methane leads us to assign a valence of 

4 to carbon; and so on. Proceeding in this fashion, we 
can assign a valence number to each of the known elements. 
Sometimes complications arise as, for example, in the case 
of sulfur. In H»S the sulfur atom seems to have a valence 
of 2, but in such a compound as sulfuric acid (H»SO,) 
sulfur seems to have a valence of 6. In this case and 
others, then, we may have to assign two (or even more) 
valence numbers to a single species of atom. At the 

other extreme of possibilities are those elements, for 
example, helium, neon and argon, which have not been found 
as parts of compounds—-and to these elements we may 


appropriately assign a valence of zero. 


The atomic mass and valence are numbers that can be 
assigned to an element; they are "numerical characteriza- 
tions" of the atoms of the element. There are other 
numbers which represent properties of the atoms of the 
elements, but atomic mass and valence were the two most 
important to nineteenth-century chemists. These numbers 
were used in the attempt to find order and regularity 
among the elements—a problem which will be discussed 


in the next section. 
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O5 At this point we have two numbers which are characteristic 
of the atoms of an element. What are they? 


Q6 Assume the valence of oxygen is 2. In each of the following 
molecules, give the valence of the atoms other than oxygen: CO, 
CO>, NO3, Na,O and MnO. 
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17.4The search for order and regularity among the elements. 


By 1872 sixty-three elements were known; they are listed 
in Table 17.1 with their atomic masses and chemical 
symbols. Sixty-three elements are many more than Aris- 
totle's four; and chemists tried to make things simpler 

by looking for ways of organizing what they had learned 
about the elements. They tried to find relationships 
among the elements—a quest somewhat like Kepler's earlier 
search for rules that would relate the motions of the 


planets of the solar system. 
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See "Looking for a New Law" 
in Project Physics Reader 5. 


In 1829 the German chemist 
Johann Wolfgang Dobereiner no- 
ticed that elements often formed 
groups of three members with 
similar chemical properties. He 
identified the "triads": chlo- 
rine, bromine and iodine; cal- 
cium, strontium and barium; 
sulfur, selenium and tellurium; 
iron, cobalt and manganese. In 
each "triad,"' the atomic mass 

of the middle member was approx- 
imately the arithmetical average 
of the masses of the other two 
elements. 


In 1865 the English chemist 

J. A. R. Newlands pointed out 
that the elements could usefully 
be listed simply in the order of 
increasing atomic mass. For 
when this was done, a curious 
fact became evident: not only 
were the atomic masses of the 
elements within any one family 
regularly spaced, as Dobereiner 
had suggested, but there was 
also in the whole list a periodic 
recurrence of elements with 
similar properties: "...the 
eighth element, starting from a 
given one, is a kind of repeti- 
tion of the first, like the 
eighth note in an octave of mu- 
sic."' Newlands' proposal was 
met with skepticism. One chemist 
even suggested that Newlands 
might look for similar patterns 
in an alphabetical list of ele- 
ments. 
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17.4 


Relationships did indeed appear: there seemed to be 


families of elements with similar properties. One such 
family consists of the so-called alkali metals—lithiunm, 
sodium, potassium, rubidium and cesium—listed here in 

order of increasing atomic mass. We have placed these 
elements in boxes in Table 17.1. All these metals are 
they 


The densities of 


similar physically: are soft and have low melting 








points. these metals are very low; in 
facie, 


water. 


Pehneum, 
The alkali metals 


sodium and potassium are less dense than 
are also similar chemically: 
they all have valence 1; they all combine with the same 
elements to form similar compounds. Because they form 
compounds readily with other elements; they are said to 
be highly reactive. They do not occur free in nature, 


but are always found in combination with other elements. 


Another family of elements, called the halogens, 


includes, in order of increasing atomic mass, fluorine, 


chlorine, bromine and iodine. The halogens may be found 


in Table 17.1 just above the alkali metals, and they 
have been circled. It turns out that each halogen 
precedes an alkali metal in the list, although the order 


of the listing was simply by atomic mass. 


Although these four halogen elements exhibit some 
marked dissimilarities (for example, at 25°C the first 
two are gases, the third a liquid, the last a volatile 
solid) they have much in common. They all combine violently 
with many metals to form white, crystalline salts (halogen 
means "salt-former") having similar formulas, such as NaF, 
NaCl, NaBr and NaI, or MgF»,, MgCl5, MgBry and MgI>. 


much similar evidence chemists noticed that all four 


From 


members of the family seem to have the same valence with 
respect to any other particular element. All four elements 
form simple compounds with hydrogen (HF, HCl, HBr, HI) 

ALT four; 


ordinary conditions, exist as diatomic molecules, that 


which dissolve in water and form acids. under 


is, each molecule contains two atoms. 


The elements which follow the alkali metals in the list 
also form a family, the one called the alkaline earth 
family; this family includes beryllium, magnesium, calcium, 
strontium and barium. Their melting points and densities 
those of the The alkaline 


a valence of and are said to be 


are higher than alkali metals. 
earths all have 
They 


as easily as do 


two, 
divalent. react easily with many elements but not 


the alkali metals. 


The existence of these families of elements encouraged 


17.5Mendeleev's periodic table of the elements. 


17.4 
chemists to look for a systematic way of arranging the 
elements so that the members of a family would group 
together. Many schemes were suggested; the most successful 


was that of the Russian chemist, D.I. Mendeleev. 





Q7 What are three properties of elements which recur system- 
atically with increasing atomic mass? 





Mendeleev, 
examining the properties of the elements, came to thé con- 
conclusion that the atomic masses supplied the fundamental 
"numerical characterization" of the elements. He 
discovered that if the elements were arranged in a table 
in the order of their atomic masses—but in a special 
way—the different families appeared in columns of the 


table. In his own words: 


The first attempt which I made in this way was the 
following: I selected the bodies with the lowest atom- 
ic weights and arranged them in the order of the size 
of their atomic weights. This showed that there 
existed a period in the properties of the simple 
bodies, and even in terms of their atomicity the ele- 


ments followed each other in the order of arithmetic 
succession of the size of their atoms: 


Wi=7 Be=9.4 B=11 G=12 N=14 O=16 F=19 
Na=23 Mg=24 Al=27 74 98Si71=28 p=31 S=s27eCl=35.5 
K=59 = 7Ga—40 eee eee 8T1=50 V=51 et cetera 


Mendeleev set down seven elements, from lithium to 
fluorine, in the order of increasing atomic masses, and 
then wrote the next seven, from sodium tc chlcrine, in 
the second row. The periodicity of chemical behavior is 
already evident before we go on to write the third row. 
In the first vertical column are the first two alkali 
metals. In the seventh column are the first two halogens. 
Indeed, within each of the columns the elements are 
chemically similar, having, for example, the same charac- 


teristic valence. 


When Mendeleev added a third row of elements, potassium 
(K) came below elements Li and Na, which are members of 
the same family and have the same valence, namely, 1. 

Next in the row is Ca, divalent like Mg and Be above it. 
In the next space to the right, the element of next higher 
atomic mass should appear. Of the elements known at the 
time, the next heavier was titanium (Ti), and it was placed 
in this space under Al and B by various workers who had 
tried to develop such schemes. Mendeleev, however, recog- 


nized that Ti has chemical properties similar to those of 


Although chemically similar 
elements did occur at periodic 
intervals, Newlands did not 
realize that the number of ele- 
ments in a period changed if one 
continued far enough. This was 
recognized by Mendeleev. 


In this table, hydrogen was 
omitted because of its unique 
properties. Helium and the 
other elements of the family of 
noble gases had not yet been 
discovered. 


>a] 


22 





Table 17.2 Periodic classi- 
fication of the elements; 
Mendeleev, 1872. 


Dmitri Ivanovich Mendeleev (men-deh-lay'-ef) 
(1834-1907) received his first science les- 
sons from a political prisoner who had been 
banished to Siberia by the Czar. Unable to 
get into college in Moscow, he was accepted 
in St. Petersburg, where a friend of his 
father had some influence. In 1866 he be- 
came a professor of chemistry there; in 
1869 he published his first table of the 
sixty-three known elements arranged accord- 
ing to atomic mass. His paper was trans- 
lated into German at once and was made 
available to all scientists. Mendeleev 
came to the United States, where he studied 
the oil fields of Pennsylvania in order to 
advise his country on the development of 
the Caucasian resources. 


C and Si and therefore should be put in 
the fourth vertical column (the pigment, 
titanium white, TiO», has a formula com- 
parable to CO, and SiOz, and all three 
elements show a valence of 4). Then if 
the classification is to be complete, 
there should exist a hitherto unsuspected 
element with atomic mass between that of Ca (40) and Ti (50) 
and with a valence of 3. Here was a definite prediction, and 
Mendeleev found other cases of this sort among the remaining 


elements. 


Table 17.2 is Mendeleev's periodic system or "periodic 
table" of the elements, proposed in 1872. We note that 
he distributed the 63 elements then known (with 5 in 
doubt) in 12 horizontal rows or series, starting with 
hydrogen at the top left, and ending with uranium at the 


bottom right. All are written in order of increasing 
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Teh aenay i Sat Peas eee 
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atomic mass (Mendeleev's values given in parentheses), 


but are so placed that elements with similar chemical 
properties are in the same vertical column or group. 
Thus in Group VII are all the halogens; in Group VIII, 
only metals that can easily be drawn to form wires; in 
Groups I and II, metals of low densities and melting 


points; and in Group I, the family of alkali metals. 


Table 17.2 shows many gaps. But, as Mendeleev realized, 


it revealed an important generalization: 


For a true comprehension of the matter it is very 
important to see that all aspects of the distribu- 
tion of the elements according to the order of their 
atomic weights express essentially one and the same 


fundamental dependence—periodic properties. 


By this is meant that in addition to the gradual change 
in physical and chemical properties within each vertical 
group, there is also a periodic change of properties in 
the horizontal sequence, beginning with hydrogen and end- 


ing with uranium. 


Tis periodic law is the heart’ of the matter: “We> can 
best illustrate it as Lothar Meyer did, by drawing a curve 
showing the values of some physical quantity as a function 
Ofsatomic mass. Figure 17.1 is a, plot.of the atomic 
volumes of the elements. This atomic volume is defined 
as the atomic mass of the substance divided by its density 
in the liquid or solid state. Each circled point on this 
graph represents an element; a few of the points have been 
labeled with the identifying chemical symbols. Viewed 
as a whole, the graph demonstrates a striking periodicity: 


as the mass increases the atomic volume first drops, then 
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Fig. 17.1 The atomic volumes of 
elements graphed against their 
atomic masses 


23 





In 1864, the German chemist 
Lothar Meyer wrote a chemistry 
textbook. In this book, he 
considered how the properties of 
the chemical elements might de- 
pend on their atomic masses. He 
later found that if he plotted 
the atomic volume against the 
atomic mass, the line drawn 
through the plotted points rose 
and fell in two short periods, 
then in two long periods. This 
was exactly what Mendeleev had 
discovered in connection with 
valence. Mendeleev published 
his result in 1869; Meyer pub- 
lished his in 1870. Meyer, as 
he himself later admitted, 
lacked the courage to predict 
the discovery of unknown ele- 
ments. Nevertheless, Meyer 
should be given part of the 
credit for the idea of the 
periodic table. 
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increases to a sharp maximum, drops off again and increases 


to another sharp maximum, and so on. 


And at the successive 


peaks we find Li, Na, K, Rb, Cs, the members of the family 


of alkali metals. 


there is one of the halogens. 


On the left-hand side of each peak, 


Mendeleev's periodic table of the elements not only 


provided a remarkable correlation of the elements and 


their properties, it also enabled him to predict that 


certain unknown elements must exist and what many of their 


properties should be. 


To estimate physical properties 


of a missing element, Mendeleev averaged the properties 


of its nearest neighbors in the table: 


and left, above and below. 


those to right 


A striking example of 


Mendeleev's success in using the table in this way is 


his set of predictions concerning the gap in Series 


5 Group IV. 


This was a gap in Group IV, which contained 


elements with properties resembling those of carbon and 


silicon. 


the unknown element. 


Mendeleev assigned the name "eka-silicon" 


(Es) to 


His predictions of the properties of 


this element are listed in the left-hand column that follows. 


In 1887, this element was isolated and identified (it is 


now called "germanium"); its properties are listed in the 


right-hand column. 


"The following are the properties 
which this element should have on 
the basis of the known properties 
of silicon, tin, zinc, and arsenic. 


Its atomic [mass] is nearly 72, 

it forms a higher oxide EsQ2,... 

Es gives volatile organo-metallic 
compounds; for instance...Es(CjHs),, 
which boil at about 160°, etc.; 

also a volatile and liquid chloride, 
EsCly4, boiling at about 90° 


and of specific gravity about 1.9.... 


the specific gravity of Es will be 
about 5.5, and EsO> will have a 
specific gravity of about 4.7, 
etna. <. 


The predictions in the left column 
were made by Mendeleev in 1871. In 
1887 an element (germanium) was 
discovered which was found to have 
the following properties: 


Its atomic mass is 72.5. 

It forms an oxide GeO», and 

forms an organo-metallic compound 
Ge(CoHs) 4 

which boils at 160° C, and 

forms a liquid chloride GeCl, 
which boils at 83° C 

and has a specific gravity of 1.9. 
The specific gravity of germanium 
is 5.5 and the specific gravity of 
GeO, is 4.7. 


Mendeleev's predictions are remarkably close to the 


properties actually found. 


The daring of Mendeleev is shown in his willingness 


to venture detailed numerical predictions; the sweep 


and power of his system is shown above in the remarkable 


accuracy of those predictions. 


In similar fashion, 


Mendeleev described the properties to be expected for 


the then unknown elements in Group III, Period 4 and in 


Group III, Period 5, elements now called gallium and 
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scandium, and again his predictions turned out to be 


remarkably accurate. 


Even though not every aspect of Mendeleev's work yielded 
such successes, these were indeed impressive results. 
Successful numerical predictions like these are among the 


most desired results in physical science. 








O8 What was the basic ordering principle in Mendeleev's table? 
O9 What reasons led him to violate that principle? 


O10 How did he justify leaving gaps in the table? 





17.6The modern periodic table. The periodic table has had an 
important place in chemistry and physics for nearly one 
hundred years. It presented a serious challenge to any 
theory of the atom proposed after about 1880: the 
challenge of providing an explanation for the order among 
the elements expressed by the table. A successful model 
of the atom must provide a physical explanation for the 
of the elements. In Chapter 19 we shall see how one model 


of the atom—the Bohr model—met this challenge. 


Since 1872 many changes have had to be made in the 


periodic table, but they have been changes in detail 


Table 17.3 A modern form of the 
periodic table of the elements. 
affected the basic feature of periodicity among the The number above the symbol is 
the chemist's atomic weight, the 
number below the symbol is the 


rather than in general ideas. None of these changes has 


properties of the elements. A modern form of the table 


ise snown ian lable 17.3). pronian numbers 
Group— 
Pasicd Ill IV Vv VI VII 0 
; 4.0026 
1 He 







2 B Cc N Oo F Ne 
5 6 7 8 9 10 

22.990 26.98 | 28.09 | 30.97 | 32.06 | 35.45 | 39.95 

3 Na Al Si ie s Cl Ar 
M1 13 14 15 16 17 18 










39.10 40.08 47.90 50.94 52.00 54.94 55.85 58.93 58.71 63.54 65.37 69.72 72.59 74.92 78.96 79.91 83.80 
4 K Ca Ti Vv Cr Mn’ Fe Co Ni Cu Zn Ga Ge As Se Br Kr 
19 20 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36 















85.47 | 87.62 91.22 | 92.91 95.94 (99) 101.07 | 102.91 | 106.4 | 107.87 | 112.40 | 114.82 | 118.69 | 121.75 | 127.60 | 126.9 | 131.30 
5 Rb Sr Zr Nb Mo Te Ru Rh Pd Ag Cd In Sn Sb Te I Xe 
37 38 40 41 42 43 44 45 46 47 48 49 50 51 52 53 54 






132.91 | 137.34 178.49 | 180.95 | 183.85 | 186.2 190.2 192.2 | 195.09 | 196.97 | 200.59 | 204.37 | 207.19 | 208.98 210 (210) 222 
Cs Ba Hf Ta WwW Re Os Ir Pt Au Hg Ti Pb Bi Po At Ro 
55 56 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86 


(223) | 226.05 
.Fr Ra 
87 88 









*Rare- | 138.91 | 140.12 | 140.91 | 144.27 | (147) 150.35 | 151.96 | 157.25 | 158.92 | 162.50 | 164.93 | 167.26 | 168.93 | 173.04 | 174.97 
Pr Nd Pm Eu Gd Tb Dy Ho Er Tm Lu 


231 | 238.03 | (237) | (242) | (243) | (245) | (249) | (249) | (253) | (255) | (256) | (253) | (257) 
Cf 


Pa Np Pu Am Cm Bk E Fm Mv No Lw 
91 93 94 95 96 97 98 99 100 101 102 103 
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Although Mendeleev's table had 
eight columns, the column la- 
belled VIII did not contain a 
family of elements. It con- 
tained the "transition" elements 
which are now in the long series 
(periods) labelled 4,5 and 6 in 
Table 17.3. The group labelled 
"0" in Table 17.3 does consist 
of a family of elements, the 
noble gases, which do have simi- 
lar properties. 


Helium was first detected in the 
spectrum of the sun in 1868 
(Chapter 19). Its name comes 
from helios, the Greek word for 
the sun. It was not discovered 
on earth until 1895, when Ramsay 
found it in a uranium-containing 
mineral (Chapter 21). Almost 
all the helium in the world 
comes from natural gas wells 

in Texas, Kansas and Oklahoma. 
Helium is lighter than air, and 
is widely used in balloons and 
blimps instead of highly flam- 
mable hydrogen. 
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One difference between the modern and older tables is 
that new elements have been added. Forty new elements 
have been identified since 1872, so that the table now 
contains 103 elements. Some of these new elements are 
especially interesting, and we shall need to know 


something about them. 


Comparison of the modern form of the table with Men- 
deleev's table shows that the modern table contains eight 
groups, or families, instead of seven. The additional 
group is labeled "zero." In 1894, the British scientists 
Lord Rayleigh and William Ramsay discovered that about 
1 percent of our atmosphere consists of a gas that had 
previously escaped detection. It was given the name 
argon (symbol Ar). Argon does not seem to enter into 
chemical combination with any other elements, and is 
not similar to any of the groups of elements in 
Mendeleev's original table. Other elements similar to 
argon were also discovered: helium (He), neon (Ne), 
krypton (Kr), xenon (Xe), and radon (Rn). These elements 


are considered to form a new group or family of elements, 


called the "noble gases." (In chemistry, elements such 

as gold and silver that react only rarely with other 
elements were called "noble" and all the members of the 
new family are gases at room temperature.) Each noble 

gas (with the exception of argon) has an atomic mass 
slightly smaller than that of a Group I element. The 
molecules of the noble gases contain only one atom, and 
until only a few years ago no compound of any noble gas 

was known. The group number zero was thought to correspond 
to the chemical inertness, or zero valence of the members 
of the group. In 1963, some compounds of xenon and krypton 
were produced, so that:these elements are not really inert. 
These compounds are not found in nature, and are unstable 
when they are made in the laboratory. The noble gases 

are certainly less liable to react chemically than any 
other elements and their position in the table does 


correspond to their "reluctance" to react. 


In addition to the noble gases, two other sets of elements 
had to be included in the table. After the fifty-seventh 
place, room had to be made for a whole set of 14 chemically 
almost indistinguishable elements, known as the rare earths 
or lanthanide series. Most of these elements were unknown 
in Mendeleev's time. Similarly, a set of 14 very similar 
elements, forming what is called the actinide series, 


belongs immediately after actinium at the eighty-ninth 


ae tart 
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place. These elements are shown in two rows below the 
main table. No more additions are now expected within the 
table. There are no known gaps, and we shall see in 


Chapters 19 and 20 that according to the best theory of 


the atom now available, no new gaps should appear. 


Besides the addition of new elements to the periodic 
table, there have also been some changes of a more general 
type. As we have seen, Mendeleev arranged the elements 
in order of increasing atomic mass. In the late nineteenth 
century, however, this basic scheme was found to break 
down in several places. For example, the chemical 
properties of argon (Ar) and potassium (K) demand that 
they should be placed in the eighteenth and nineteenth 
positions, whereas on the basis of their atomic masses 
alone (39.948 for argon, 39.102 for potassium), their 
positions should be reversed. Other reversals of this 
kind have been found necessary, for example, for the 
fifty-second element, tellurium (at. mass = 127.60) and 
the, fatty-third, iodine (at.!mmass = .126.90):. The 
consecutive integers that indicate the number for the 
best position for the element, according to its chemical 
properties, are called the atomic numbers; the atomic number 
is usually denoted by the symbol Z; thus for hydrogen, 
(Pe ROrmisa nd Un, a—eO ey whe satom cenumbers sof ‘ally the 
elements are given in Table 17.3. In Chapter 19 we shall 
see that the atomic number has a fundamental physical 


meaning related to atomic structure. 


The need for reversals in the periodic table of the ele- 
ments would have been a real catastrophe to Mendeleev. He 
confidently expected, for example, that the atomic mass of 
tellurium (modern value = 127.60, fifty~-second place), when 
more accurately determined, would turn out to be lower than 
that of iodine (modern value = 126.90, fifty-third place) 
and, in fact, in 1872 (see Table 17.2) he had convinced 
himself that the correct atomic mass of tellurium was 125! 
Mendeleev overestimated the necessity of the periodic law 
in every detail, particularly as it had not yet received a 
physical explanation. Although the reversals in the se- 


quence of elements have proved to be real (e.g., tellurium, 





in fifty-second place, does have a higher atomic mass than SG 17.10 
iodine, in fifty-third place in the periodic table), their OG 17.71 
existence did not invalidate the scheme. Satisfactory expla- 
nations for these reversals have been found in modern atomic 


physics. 





QM What is the “atomic number" of an element? 


AAALAC REN SLO NELELLLENRN LLEEISLALIEL AE SET EL NESE ELLA ALL DE LIED LAE SALSA LIDIA DELLE NALIN YELLE ELLE LEELA IDA AL OSL, 
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17.7Electricity and matter: qualitative studies. While 


chemists were applying Dalton's atomic theory, another 
development was taking place which opened an important 
path to our understanding of the atom. Sir Humphry Davy 
and Michael Faraday made discoveries which showed that 
electricity and matter are intimately related. Their 
work marked the beginning of electrochemistry. Their 
discoveries had to do with the breaking down, or 
decomposition, of chemical compounds by electric currents. 


This process is called electrolysis. 


The study of electrolysis was made possible by the 
invention of the electric cell by the Italian scientist 
Alessandro Volta, in 1800. Volta's cell consisted of a 
pair of zinc and copper discs, separated from each other 
by a sheet of paper moistened with a weak salt solution. 
As a result of chemical changes occurring in the cell, an 
electric potential difference is established across the 
cell. A battery usually consists of several similar cells 


connected together. 


A battery has two terminals, one positively charged 
and the other negatively charged. When the terminals are 
connected to each other, outside the battery, by means of 
certain materials, there is an electric current in the 
battery and the materials. We say that we have a circuit. 
The connecting materials in which the current exists are 
called conductors of electricity. Thus, the battery can 
produce and maintain an electric current. It is not the 
only device that can do so, but it was the first source 


of steady currents. 


Not all substances are electrical conductors. Among 
solids, the metals are the best conductors. Some liquids 
conduct electricity. Pure distilled water is a poor 
conductor. But when certain substances such as acids or 
salt are dissolved in water, the resulting solutions are 
good electrical conductors. Gases are not conductors 
under normal conditions, but can be made electrically 
conducting in the presence of strong electric fields, or 
by other methods. The conduction of electricity in gases, 
vital to the story of the atom, will be discussed in 
Chapter 18. 


Within a few weeks after Volta's announcement of his 
discovery it was found that water could be decomposed 
into oxygen and hydrogen by the use of electric currents. 
Figure 17.2 is a diagram of an electrolysis apparatus. 
The two terminals of the battery are connected, by 


conducting wires, to two thin sheets of platinum. When 





these platinum sheets are immersed in ordinary water, 
bubbles of oxygen appear at one sheet and bubbles of 
hydrogen at the other. Adding a small amount of certain 
acids speeds up the reaction without changing the 
products. Hydrogen and oxygen gases are formed in the 
proportion of 7.94 grams of oxygen to 1 gram of hydrogen, 
which is exactly the proportion in which these elements 
combine to form water. Water had previously been impossible 
to decompose, and had been regarded—from ancient times 
until after 1750—as an element. Thus the ease with which 
water was separated into its elements by electrolysis 
dramatized the chemical use of electricity, and stimulated 


many other investigations of electrolysis. 


Among these investigations, some of the most successful 
were those of the young English chemist Humphry Davy. 
Perhaps the most striking of Davy's successes were those 
he achieved when, in 1807, he studied the effect of the 
current from a large electric battery on soda and potash. 
Soda and potash were materials of commercial importance 
(for example, in the manufacture of glass, soap and 
gunpowder) and had been completely resistant to every 
earlier attempt to decompose them. Soda and potash were 
thus regarded as true chemical elements—up to the time 
of Davy's work. When electrodes connected to a powerful 
battery were touched to a solid lump of soda, or toa 
lump of potash, part of the solid was heated to its melting 
point. At one electrode gaseous oxygen was released 
violently; at the other electrode small globules of molten 
metal appeared which burned brightly and almost explosively 
in air. When the electrolysis was done in the absence of 
air, the metallic material could be obtained. Sodium and 
potassium were discovered in this way. The metallic 
element sodium was obtained from soda (in which it is 
combined as sodium hydroxide) and the metallic element 
potassium obtained from potash (in which it is combined 
as potassium hydroxide). In the immediately succeeding 
years electrolytic trials made on several hitherto 
undecomposed "earths" yielded the first samples ever 
obtained of such metallic elements as magnesium, strontium 
and barium: there were also many other demonstrations 
of the striking changes produced by the chemical activity 


of electricity. 
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Q12 Why was the first electrolysis of water such a surprising 
phenomenon? 


Q13 Some equally striking results of electrolysis followed. 
What were they? 





This can be explained by as- 
suming that some of the water 
molecules come apart, leaving 
the hydrogen atoms with a + 
charge and the oxygen atoms with 
a - charge; the hydrogen atoms 
would be attracted to the - plate 
and the oxygen to the + plate. 
Faraday called the charged atoms 
ions (after the Greek word for 
"wanderers"). Solutions of such 


charged particles are said to be 
ionized. 





Humphry Davy (1778-1829) was the 
son of a farmer. In his youth 
he worked as an assistant to a 
physician but was discharged be- 
cause of his liking for explosive 
chemical experiments. He became 
a chemist, discovered nitrous 
oxide (laughing gas), later used 
as an anaesthetic, and developed 
a safety lamp for miners. His 
work in electrochemistry and his 
discovery of several elements 
made him world-famous; he was 
knighted in 1812. In 1813 Sir 
Humphry Davy hired a young man, 
Michael Faraday, as his assist- 
ant and took him along on an 
extensive trip through France 
and Italy. It became evident to 
Davy that young Faraday was a 
man of scientific genius. Davy 
is said to have been envious, 

at first, of Faraday's great 
gifts. He later said that he 
believed his greatest discovery 
was Faraday. 
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Electrolysis 
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Student laboratory apparatus like that 
in the sketch at the right can be used 
for experiments in electrolysis. This 
setup allows measurement of the amount 
of electric charge passing through the 
solution and of the mass of metal de- 
posited on the suspended electrode. 


The separation of elements by electrolysis is 
important in industry, particularly in the pro- 
duction of aluminum. These photographs show 

the vast scale of a plant where aluminum is 
separated out of aluminum ore in electrolytic 
tanks. 

a) A row of tanks where aluminum is separated 
out of aluminum ore, 

b) A closer view of the front of some tanks, 
showing the thick copper straps that carry 
the current. 

c) A huge vat of molten aluminum that has 
been siphoned out of the tanks is poured 
into molds. 














17.8Electricity and matter: quantitative studies. Davy's 


work on electrolysis was mainly qualitative. But 
quantitative questions were also asked. How much chemical 
change can be produced by a given amount of electricity? 
If solutions of different chemical compounds are 
electrolyzed with a given amount of current, how do the 
amounts of chemical change produced compare? Will 
doubling the amount of electricity double the chemical 
effects? 


Answers to these questions were supplied by Michael 
Faraday, who discovered two fundamental laws of electrolysis. 
Hevstudied the electrolysis of a solution of copper sulfate, 
a blue salt, in water. He made an electrolytic cell by 
immersing two bars of copper in the solution and attaching 
them to the terminals of a battery. The electric current 
that flowed through the resulting circuit caused copper 
from the solution to be deposited on the cathode and 
oxygen to be liberated at the anode. Faraday determined 
the amount of copper deposited by weighing the anode 
before the electrolysis started and again after a known 
amount of current had passed through the solution. He 
measured the current with an ammeter. Faraday found that 
the mass of copper deposited depends on two things: on 
the magnitude (say, in amperes) of the current (I), and 
on the length of time (t) that the current was maintained. 
In fact, the mass of copper deposited was directly 
proportional to both the current and the time. When 
either was doubled, the mass of copper deposited was 
doubled. When both were doubled, four times as much 
copper was deposited. Similar results were found in 
experiments on the electrolysis of many different 


substances. 


Faraday's results may be described by stating that the 
amount of chemical change produced in electrolysis is 
DEOpoLt Onale co the prodict: © I*t. Now, the current’ (in 
amperes) is the quantity of charge (in coulombs) which 
moves through the electrolytic cell per unit time (in 
seconds). The product I*t therefore gives the total 
charge that has moved through the cell during the given 
experiment. We then have Faraday's first law of 


electrolysis: 


The mass of electrolytically liberated chemicals 
is proportional to the amount of charge which 


has passed through the electrolytic cell. 


Next Faraday measured the amounts of different elements 


SL 


This amount of electric charge, 
96,540 coulombs, is called one 


faraday. 


a2 


Element Atomic Mass Valence Mass of Element 


- Aluminum 26.98 3 8.99 


17.8 

liberated from chemical compounds by given amounts of 
electric charge, that is, by different values of the 
product I*t. He found that the amount of an element 
produced by a given amount of electricity depends on the 
atomic mass of the element and on the valence of the 


element. His second law of electrolysis states: 


If A is the atomic mass of an element, and if 
v is its valence, a certain amount of electric 
charge, 96,540 coulombs, produces A/v grams 


of the element. 


Table 17.4 gives examples of Faraday's second law of 
electrolysis. 
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Table 17.4. Masses of elements produced from compounds by 
96,540 coulombs of electric charge. 


= 


FATS PRBS ESAS 


Preduced (grams) 


ie 


Fgavogen 1,008 1 1.008 
fcHitorane 85.45 uF 35.45 
| Oxygen 16.00 2 8.00 
| copper 63.54 2 3] at : 
“Zinc 65.37 2 32.69 
; ) 
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The mass of the element produced is seen to be equal 
to the atomic mass divided by the valence. This quantity, 
A/v, is a measure of the amount of one element that 
combines with another element. For example, the ratio 
of the amounts of oxygen and hydrogen liberated by 
8.00 

CmekA aehthe 


1.008 
this is just the ratio of the mass of oxygen to the mass 


96,540 coulombs of electric charge is 


of hydrogen in water. 


Faraday's second law of electrolysis has an important 
implication. A given amount of electric charge is some- 
how closely connected with the atomic mass and valence 
of an element. The mass and valence are characteristic 
of the atoms of the element. Perhaps, then, a certain 
amount of electricity is somehow connected with an atom 
of the element. The implication is that electricity may 
also be atomic in nature. This possibility was considered 


by Faraday, who wrote: 


17.8 


-..if we adopt the atomic theory or phraseology, then 
the atoms of bodies which are equivalents to each 
other in their ordinary chemical action have equal 
quantities of electricity naturally associated with 
them. But I must confess that I am jealous of the 
term atom; for though it is very easy to talk of atoms, 
it is very difficult to form a clear idea of their na- 
ture, especially when compound bodies are under con- 
sideration. 





In Chapter 18 you will read about the details of the 


research that established the atomic nature of electricity. 


This research was of great and fundamental importance, and 


helped make possible the exploration of the structure of 


the atom. 





Q14 The amount of an element deposited in electrolysis depends 
on three factors. What are they? 
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Dalton's visualization of the composition of various compounds 
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17.1 The chemical compound zinc oxide (molecular formula 
ZnO) contains equal numbers of atoms of zinc and oxygen. 
Using values of atomic masses from the modern version of 

the periodic table, find the percentage by mass of zinc in 
zinc oxide. What is the percentage of oxygen in zinc oxide? 


17.2. The chemical compound zinc chloride (molecular formula 
ZnCl.) contains two atoms of chlorine for each atom of zinc. 
Using values of atomic masses from the modern version’of the 
periodic table, find the percentage by mass of zinc in zinc 
chloride. 


17.3. From the decomposition of a 5.00-gram sample of ammo- 
nia gas into its component elements, nitrogen and hydrogen, 
4.11 grams of nitrogen were obtained. The molecular formula 
of ammonia is NH3. Find the mass of a nitrogen atom rela- 
tive to that of a hydrogen atom. Compare your result with 
the one you would get by using the values of the atomic 
masses in the modern version of the periodic table. If your 
result is different from the latter result, how do you ac- 
count for the difference? 


17.4 From the information in Problem 17.3, calculate how 
much nitrogen and hydrogen are needed to make 1.2: kg of 
ammonia. 


17.5 If the molecular formula of ammonia were NH», and you 
used the result of the experiment of Problem 17.3, what value 
would you get for the ratio of the mass of a nitrogen atom 
relative to that of a hydrogen atom? 


17.6 A sample of nitric oxide gas, weighing 1.00 g, after 
separation into its components, is found to have contained 
0.47 g of nitrogen. Taking the atomic mass of oxygen to be 
16.00, find the corresponding numbers that express the atomic 
mass of nitrogen relative to oxygen on the respective assump- 
tions that the molecular formula of nitric oxide is (a) NO; 
(b) NO,; (c) N,0. 


17.7. Early data yielded 8/9.2 for the mass ratio of nitrogen 
and oxygen atoms, and 1/7 for the mass ratio of hydrogen and 
oxygen atoms. Show that these results lead to a value of 6 
for the relative atomic mass of nitrogen, provided that the 
value 1 is assigned to hydrogen. 


17.8 Given the molecular formulae HCl, NaCl, CaCly, AlCl, , 
SnCl,, PCl,, find possible valence numbers of sodium, calcium, 
aluminum, tin and phosphorus. 


17.9 a) Examine the modern periodic table of elements and cite 
all reversals of order of increasing atomic mass. 

b) Restate the periodic law in your own words, not 
forgetting about these reversals. 


17.10 In recent editions of the Handbook of Chemistry and 
Physics there are printed in or below one of the periodic 
tables the valence numbers of the elements. Neglect the 
negative valence numbers and plot (to element 65) a graph of 
maximum valences observed vs. atomic mass. What periodicity 
is found? Is there any physical or chemical significance 

to this periodicity? Does there have to be any? 


17.11 Look up the data in the Handbook of Chemistry and Physics, 
then plot some other physical characteristic against the atomic 


masses of the elements from hydrogen to barium in the periodic 
table. Comment on the periodicity (melting point, boiling 
point, etc.). 


17.12 According to Table 17.4, when 96,500 coulombs of charge 
pass through a water solution, 1.008 g of hydrogen and how much 
of oxygen will be released? How much hydrogen and how much 
oxygen will be produced when a current of 3 amperes is passed 
through water for 60 minutes (3600 seconds)? 


17.13 If a current of 0.5 amperes is passed through molten 
zine chloride in an electrolytic apparatus, what mass of 
zinc will be deposited in 

a) 5 minutes (300 seconds) ; 

b) 30 minutes; 

c) 120 minutes? 


17.14 a) For 20 minutes (1200 seconds) a current of 2.0 
amperes is passed through molten zinc chloride in an electro- 
lytic apparatus. What mass of chlorine will be released at 
the anode? 

b) If the current had been passed through molten zinc 
iodide rather than molten zinc chloride what mass of iodine 
would have been released at the anode? 

c) Would the quantity of zinc deposited in part (b) 
have been different from what it was in part (a)? Why? 


17.15 How is Faraday's speculation about an "atom of electricity" 
related to atomicity in the chemical elements? 


17.16 The idea of chemical elements composed of identical atoms 
makes it easier to correlate the phenomena discussed in this 
chapter. Could the phenomena be explained without using the 
idea of atoms? Are chemical phenomena, which usually involve 

a fairly large quantity of material (in terms of the number 

of "atoms" involved), sufficient evidence for belief in the 
atomic character of materials? 


17.17 A sociologist recently wrote a book about the place 
of man in modern society called Multivalent Man. In what 
sense might he have used the term "multivalent?" 


17.18 Compare the atomic theory of the Greeks, as described 
in the prologue to this chapter, with the atomic theories 
described in Unit 3. (You will probably need to consult 
reference books for more details of the theory. The best 
reference is probably Lucretius, On the Nature of Things.) 
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18.1The problem of atomic structure: pieces of atoms. The 


development of chemistry in the nineteenth century raised 
the general question: are atoms really indivisible, or 
do they consist of still smaller particles? We can see 
the way in which this question arose by thinking a little 
more about the periodic table. Mendeleev had arranged the 
elements in the order of increasing atomic mass. But the 
atomic masses of the elements cannot explain the periodic 
features of Mendeleev's table. Why, for example, do the 
third, eleventh, nineteenth, thirty-seventh, fifty-fifth 
and eighty-seventh elements, with quite different atomic 
masses, have similar chemical properties? Why are these 
properties somewhat different from those of the fourth 
twelfth, twentieth, thirty-eighth, fifty-sixth and 
eighty-eighth elements in the list, but greatly different 
from the properties of the second, tenth, eighteenth, 
thirty-sixth, fifty-fourth and eighty-sixth elements? 

The differences in atomic mass were not enough to account, 
by themselves, for the differences in the properties of 


the elements. Other reasons had to be sought. 


The periodicity of the properties of the elements led 
to speculation about the possibility that atoms might have 
structure, that they might be made up of smaller pieces, 
The gradual changes of properties from group to group 
might suggest that some unit of atomic structure is added, 
in successive elements, until a certain portion of the 
structure is completed. The completed condition might 
occur in a noble gas. In atoms of the next heavier ele- 
ment, a new portion of the structure may be started, and 
so on. The methods and techniques of classical chemistry 
could not supply experimental evidence for such structure. 
In the nineteenth century, however, discoveries and new 
techniques in physics opened the way to the proof that 
atoms do, indeed, consist of smaller pieces. Evidence 
piled up which showed that the atoms of different ele- 
ments differ in the number and arrangement of these 


pieces, or building blocks. 


In this chapter, we shall discuss the discovery of one 
kind of piece which atoms contain: the electron. We shall 
see how experiments with light and electrons led to a rev- 
olutionary idea—that light energy is transmitted in dis- 
crete amounts. In Chapter 19, we shall describe the dis- 
covery of another part of the atom, the nucleus. Then we 
shall show how Niels Bohr combined these pieces to create 
a workable model of the atom. The story starts with the 


discovery of cathode rays. 


These elements burn when exposed 
to air; they decompose water, 
often explosively. 


These elements combine slowly 
with air and water. 


These elements rarely combine 
with anything. 
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18.2Cathode rays. 


Geissler (1814-1879) made the 
first major improvement in 
vacuum pumps after Guericke in- 
vented the air pump two cen- 
turies earlier. 








Substances which glow when ex- 
posed to light are called 
fluorescent. Fluorescent lights 
are essentially Geissler tubes 
with an inner coating of fluores- 
cent powder. 


[+ 
Fig. 18.2 Bent Geissler tube. 


The most intense green glow 
appeared at g. 
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Cathode ray apparatus. 


In 1855 a German physicist, Heinrich Geissler, 
invented a vacuum pump which could remove enough gas from a 
strong glass tube to reduce the pressure to 0.01 percent of 
normal air pressure. His friend, Julius Plucker, connected 
one of Geissler's evacuated tubes to a battery. He was 
surprised to find that at the very low gas pressure that 
could be obtained with Geissler's pump, electricity flowed 
through the tube. 
18ede 


strong glass tube. 


Plucker used apparatus similar to that 
shown in Fig. He sealed a wire into each end of a 
Inside the tube, each wire ended ina 
Outside the tube, 


wire ran to a source of high voltage. 


metal plate, called an electrode. 


each 


(The negative plate 
is called the cathode, and the positive plate is called the 


anode.) A meter indicated the current in the tube. 


Plucker and his student, Johann Hittorf, noticed that 
when an electric current passes through a tube at low gas 


pressure, the tube itself glows with a pale green color. 


Plucker described these effects in a paper published in 


1858. He wrote: 

-.-a pale green light...appeared to form a thin coat- 
ing immediately upon the surface of the glass bulb.... 
the idea forcibly presented itself that it was a 
fluorescence in the glass itself. Nevertheless the 
light in question is in the inside of the tube; but 

it is situated so closely to its sides as to follow 
exactly [the shape of the tubes], and thus to give the 
impression of belonging to the glass itself. 


Several other scientists observed these effects, but 
two decades passed before anyone undertook a thorough 


By lS 757 
had designed new tubes for studying the glow produced 


study of the glowing tubes. Sir William Crookes 


when an electric current passes through an evacuated tube. 
When he used a bent tube, Ore aay 


tense green glow appeared on the part of the tube which 


asin’ Fig. the most in- 


was directly opposite the cathode. This suggested that 
the green glow was produced by something which comes out 
of the cathode and travels straight down the tube until 
it hits the glass. Another physicist, Eugen Goldstein, 
who was studying the effects of passing an electric cur- 
rent through a gas at low pressure, named whatever was 


coming from the cathode, cathode rays. 


To study the nature of the rays, Crookes did some in- 
genious experiments. He reasoned that if the cathode rays 
could be stopped before they reached the end of the tube, 
the intense green glow should disappear. He therefore 
introduced a barrier in the form of a Maltese cross, as in 
ESe a 


BelGye Instead of the intense green glow, a shadow 


of the cross appeared at the end of the tube. 
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The cathode 


seemed to act like a candle which produces light; the cross 


acted like a barrier blocking the light. Because the shadow, 


cross and cathode were lined up, Crookes concluded that the 


cathode rays, like light rays, travel in straight lines. 


Next, Crookes moved a magnet near the tube, and the shadow 


moved. Thus he found that magnetic fields deflected the 


paths of cathode rays. In the course of many experiments, 


Crookes found the following properties of cathode rays: 


a) cathodes of many different materials produce 


rays with the same properties; 


b) in the absence of a magnetic field, the rays 


travel in straight lines perpendicular to the 


surface that emits them; 


c) a magnetic field deflects the path of the cathode 


rays; 


d) the rays can produce chemical reactions similar 


to the reactions produced by light: for example, 


certain silver salts change color when hit by the 


rays. 


Crookes suspected, but did not succeed in showing that 


e) charged objects deflect the path of cathode rays. 


Physicists were fascinated by the cathode rays and 


worked hard to understand their nature. Some thought 


that the rays must be a form of light, because they have 


so many of the properties of light: they travel in 


straight lines, produce chemical changes and fluorescent 


glows just as light does. According to Maxwell's theory 


of electricity and magnetism (Unit 4) light consists of 


electromagnetic waves. So the cathode rays might be elec- 


tromagnetic waves of frequency higher or lower than that 


Of visible light. 


Magnetic fields, however, do not bend light; they do 
bend the path of cathode rays. In Unit 4, we found that 


Magnets exert forces on currents, that is, on moving elec- 


tric charges. Since a magnet deflects cathode rays in the 


same way that it deflects negative charges, some physicists 


believed that cathode rays consisted of negatively charged 


particles. 


The controversy over the wave or particle nature of 


cathode rays continued for 25 years. Finally, 


in FL 897% 


J. J. Thomson made a series of experiments which convinced 


physicists that the cathode rays are negatively charged 


particles, 


It was known that the paths of charged particles are 


affected by both magnetic and electric fields. 


By assuming 


Fig. 18.3 Crookes' tube. 


J. J. Thomson observed this in 
1897. 





39 





Sir Joseph John Thomson (1856- 
1940), one of the greatest 
British physicists, attended 
Owens College in Manchester, 
England (home of John Dalton) 
and then Cambridge University. 
Throughout his career, he was 
interested in atomic structure. 
We shall read about his work 
often during the rest of the 
course. He worked on the con- 
duction of electricity through 
gases, on the relation between 
electricity and matter and on 
atomic models. His greatest 
single contribution was the dis- 
covery of the electron. He was 
the head of the famous Cavendish 
Laboratory at Cambridge Univer- 
sity, where one of his students 
was Ernest Rutherford—about 
whom you will hear a great deal 
later in this unit and in Unit 6. 
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18.2 

that the cathode rays were negatively charged particles, 
Thomson could predict what should happen to the cathode 

rays when they passed through such fields. For example, 
the deflection of the path of the cathode rays by a mag- 
netic field could be just balanced by an electric field 

with the right direction and magnitude. The predictions 

were verified and Thomson could conclude that the cathode 
rays did indeed act like charged particles. He was then 
able to calculate, from the experimental data, the ratio 
of the charge of a particle to its mass. This ratio is 
denoted by q/m where q is the charge and m is the mass 
of the particle. For those who are interested in the 

details of Thomson's experiment and calculations, they 


are given on page 41. 


Thomson found that the rays from cathodes made of 
different materials all had the same value of q/m, namely 
1.76 x 10!! coulombs per kilogram. This value was about 
1800 times larger than the values of q/m for hydrogen ions 
measured in electrolysis experiments, 9.6 x 107 coulombs 
per kilogram. Thomson concluded from these results that 
either the charge of the cathode ray particles was much 
larger than that of the hydrogen ion, or the mass of the 
cathode ray particles was much smaller than the mass of 


the hydrogen ion. 


Thomson's negatively charged particles were later called 
electrons. Thomson also made measurements of the charge 
on the negatively charged particles with methods other 
than those involving deflection by electric and magnetic 
fields. 


were good enough to indicate that the charge of a cathode 


Although these experiments were inaccurate, they 


ray particle was not much different from that of the hy- 
drogen ion in electrolysis. Thomson was therefore able 
to conclude that the cathode ray particles have much 


smaller mass than hydrogen ions. 


The cathode ray particles, or electrons, were found to 
have two important properties: (1) they were emitted by 
a wide variety of cathode materials, and (2) they were 
much smaller in mass than the hydrogen atom, which has the 
smallest known mass. Thomson therefore concluded that the 
cathode ray particles form a part of all kinds of matter. 
He suggested that the atom is not the ultimate limit to the 
subdivision of matter, and that the electron is one of the 
bricks of which atoms are built up, perhaps even the funda- 


mental building block of atoms. 


Thomson’s q/m Experiment 


J. J. Thomson measured the ratio of charge to mass for cathode-ray particles by means 
of the evacuated tube in the photograph on page 36. A high voltage between two elec- 
trodes in one end of the tube produced cathode rays. The rays that passed through both 
slotted cylinders formed a nearly parallel beam. The beam produced 
a spot of light on a fluorescent coating inside the large end 
of the tube, 











The beam could be deflected by an electric field produced between two plates in the mid- 
section of the tube. 


en 
i! 
if 


SR a 
Nt 
Lt, 


| 
ae 


eae 


The beam could also be deflected by a magnetic field produced between a pair of wire 
coils placed around the mid-section of the tube. 





When only the magnetic field B was turned on, the particles in the beam of charge q and 
speed v would experience a force Bqv; because the force is always perpendicular to the 
velocity, the beam would be deflected into a nearly circular arc of radius R in the 
nearly uniform field. If the particles in the beam have mass m, they must be experienc- 
ing a centripetal force mv?/R. Since the centripetal force is the magnetic forcc, 

Bqv = mv*R. Rearranging terms: q/m = v/BR. 

B can be calculated from the geometry of the coils and the current in them. R can be 
found geometrically from the displacement of the beam spot on the end of the tube. To 
determine v, Thomson applied the electric field and the magnetic field at the same time. 
By arranging the directions and strengths of the fields appropriately, the electric field 
can be made to exert a downward force Eq on the beam particles exactly equal to the upward 
force Bqv due to the magnetic field, 





If the magnitudes of the electric and magnetic forces are equal, then Eq = Bqv. Solving 
for v: v = E/B. E can be calculated from the separation of the two plates and the volt- 
age between them, so the speed of the particles can be determined. So all the terms on 
the right of the equation for q/m are known and q/m can be found. 


18.2 
In the article in which he announced his discovery, 


Thomson speculated on the ways in which the particles could 

be arranged in atoms of different elements in order to account 
for the periodicity of the chemical properties of the ele- 
ments. Although, as we shall see, he did not say the last 


word about this problem, he did say the first word about it. 


What was the most convincing evidence that cathode rays were 
not electromagnetic radiation? 


Why was q/m for electrons 1800 times larger than q/m for 
hydrogen ions? 


What were two main reasons that Thomson believed electrons 
to be "building blocks" from which all atoms are made? 


18.3The measurement of the charge of the electron: Millikan's 
experiment. After the ratio of charge to the mass (q/m) 
of the electron had been determined, physicists tried to 
measure the value of the charge q separately. If the charge 
could be determined, the mass of the electron could be found 
from the known value of g/m. In the years between 1909 and 
1916 an American physicist, Robert A. Millikan, succeeded 
in measuring the charge of the electron. This ouantity is 
one of the fundamental constants of physics because of its 
importance in atomic and nuclear physics as well as in 


electricity and electromagnetism. 


Millikan's "oil-drop experiment" is described on page 43. 
He found that the electric charge that an oil drop picks up 
is always a simple multiple of a certain minimum value. 
For example, the charge may have the value 4.8 x 10-!9 cou- 
lombs, or 1.6 x 10-!2 coulombs, or 6.4 x 10719 coulombs, or 
1.6 x 107!8 ‘coulombs. But it never has a charge of, Say, 


From now on we denote the mag- 
nitude of the charge of the 2.4 x 107!9 coulombs, and it never has a value smaller than 
electron by q : aye : 
e hae Omelet) coulombs. In other words, electric charges al- 

a, = 1.6 onte eouie ways come in multiples of 1.6 x 107!% coulombs. Millikan 
took this minimum charge to be the charge of a single elec- 


ieagto)ayrs 


Charges of atomic and molecular ions are measured in 
units of the electron charge qe: For example, when a 
chemist refers to a "doubly charged oxygen ion," he means 


that the charge of the ion is 2q, = 3.2 ~ 10-!2 coulombs. 


Note that Millikan's experiments did not prove that no 
smaller charges than q, can exist. All we can say is that 
no experiment has yet proved the existence of smaller 
charges. Since Millikan's work, physicists have been con- 


vinced that electric charges always come in multiples of q . 
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Millikan’s Oil-Drop Experiment 


In principle Millikan's experiment is simple; it 
is sketched in Fig. 18.5. When oil is sprayed 
into a chamber, the minute droplets formed are 
found to be electrically charged. The charge on 
a droplet can be measured by means of an electric 
field in the chamber. Consider a small oil drop 
of mass m carrying an electric charge q. It is 
situated between two horizontal plates separated 
by a distance d and at an electrical potential 
difference V. There will be a uniform electric 
field E between the plates, of strength V/d. 

This field can be adjusted so that the electrical 
force qE exerted upward on the drop's charge will 
balance the force me exerted downward by gravity. 
Equating the magnitudes of these forces gives: 


F = F 
el grav, 
qE = mg, 
or q = mg/E. 


The mass of the drop can, in principle, be determined 
from its radius and the density of the oil from which 

it was made. Millikan had to measure these quantities 
by an indirect method, but it is now possible to do 

the experiment with small manufactured polystyrene 
spheres whose mass is accurately known, so that some 

of the complications of the original experiment can 

be avoided. Millikan's own set-up is seen in the photo- 
graph above. A student version of Millikan's apparatus 
is shown in the photograph at the right. 
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In 1964, an American physicist, 
Murray Gell-Mann, suggested that 
particles with charge equal to 
1/3 or 2/3 of de might exist. 

He named these particles 
"quarks"——the word comes from 
James Joyce's novel Finnegan's 
Wake. Quarks are now being 
looked for in cosmic-ray and 
bubble-chamber experiments. 


Thomson found that 
q : 
e oe ] ; 
mew tee Gere O coul/keg. 
m 
According to Millikan's experi- 
2 
ment the magnitude of q_ is 
e 
Lagu a Or ie arated 


Therefore, the 
tron is: 


masSS OrLr an elec- 


1.6 x 107°” coul 


Deh O > 


n= 





= 0.91 x 10°°° k 


(Mass of a hydrogen ion is 

1.66 C108" Key? Thi 

proximately the value 
: 


‘atomic 





mass unit."’) 
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18.3 
In everyday life, the electric charges one meets are so 


large that one can think of a current as being continuous— 
just as one usually thinks of the flow of water in a river 
as continuous rather than as a flow of individual molecules. 
A current of one ampere, is equivalent to the 
flowfof 6.254% 002" The 


electric charge one accumulates by shuffling over a rug on 


for example, 
electrons per second. “Statice? 


a dry day consists of approximately 10!2 electron charges. 


Since the work of Millikan, a wide variety of other ex- 
periments involving many different fields within physics 
have all pointed to the same basic unit of charge as being 
fundamental in the structure and behavior of atoms. For 
example, it has been shown directly that cathode ray parti- 
cles carry this basic unit of charge—that they are, in 


other words, electrons. 


By combining Millikan's value for the electron charge qe 
with Thomson's value for the ratio of charge to mass (q./m) , 
we can calculate the mass of a single electron (see margin). 
The result is that the mass of the electron is about 10729 
kilograms. 
1836 times 


electron. 


The charge-to-mass ratio of a hydrogen ion is 
smaller than the charge-to-mass ratio of an 

It is reasonable to consider that an electron and 
a hydrogen ion have equal and opposite electric charge, 
Since they form a neutral hydrogen atom when they combine. 
We may therefore conclude that the mass of the hydrogen ion 


is 1836 times as great as the mass of the electron. 
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Q4 Oil drops pick up different amounts of electric charge. 
How did Millikan know that the lowest charge he found was 


actually just one telectron charge? 
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18.4The photoelectric effect. The photoelectric effect was dis- 
covered in 1887 by the German physicist Heinrich Hertz. 
Hertz was testing Maxwell's theory of electromagnetic waves 
(Unit 4). He noticed that a metallic surface can emit 
electric charges when light of very short wave length falls 
on it. Because light and electricity are both involved, the 
name photoelectric effect was given to this new phenomenon. 
When the electricity produced was passed through electric 
and magnetic fields, its direction was changed in the same 
ways as the path of cathode rays. It was therefore deduced 
that the electricity consists of negatively charged parti- 
Ties o ay 


ratio q/m for these particles with the same method that he 


cles. J. J. Thomson measured the value of the 


used for the cathode ray particles. He got the same value 


for the particles ejected in the photoelectric effect as he 





18.4 
did for the cathode ray particles. By means of these ex- 


periments (and others) the photoelectric particles were The "electric eye" used, for ex- 
: ample, for opening a door auto- 
shown to have the same properties as electrons. They are matically, is based on the 


often referred to as photoelectrons to indicate their source, Photoelectric effect. When a 
solid object interrupts a beam 


Later work showed that all substances, solids, liquids and of light shining from one side 
of the door to the other, an 
electric current is changed; this 
conditions. It is, however, convenient to study the effect change switches on a motor that 
operates the door. The photo- 
electric effect is also used in 
projectors for sound motion pic- 
tures. 


gases, undergo the photoelectric effect under appropriate 


with metallic surfaces. 


The photoelectric effect has been studied in great detail 
and has had an important place in the development of atomic 
physics. The effect could not be explained in terms of the 
classical physics we have studied so far. New ideas had to 
be introduced to account for the experimental results. In 
particular, a revolutionary concept had to be introduced— 
that of quanta—and a new branch of physics—quantum theory— 
had to be developed, at least in part because of the 
photoelectric effect. Modern atomic theory is actually the 
quantum theory of matter and radiation. The study of the 
photoelectric effect is, therefore, an important step on the 


way to the understanding of the atom. 


Two types of measurements can be 
made which yield useful information 
about the photoelectric effect: (1) 
measurements of the photoelectric 


current (the number of electrons 








emitted per unit time); (2) mea- Z 
& . ; 
surements of the kinetic energies | 4 
with which the electrons are emitted. bf OD rz ie Gaccchere tt raTeceetee 
The electron current can be stud- : a He Be facctcts photoelectric 
ied with an apparatus like that "a oF 
renee 


sketched in Fig. 18.6. Two metal 
plates, C and A, are sealed inside 

a well-evacuated quartz tube. 
(Quartz is transparent to ultravio- 
let light as well as visible light.) 
The two plates are connected to a 
source of potential difference. 

When light strikes plate C, elec- 
trons are emitted. If the potential 


of plate A is positive relative to 





plate C, the emitted electrons will 
accelerate to plate A. (Some electrons will reach plate A 
even if it isn't positive relative to C.) The resulting cur- 


rent is indicated by the meter. 
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Any metal used as the plate C 
shows a photoelectric effect, but 
only if the light has a frequency 
greater than a certain value. This 
value of the frequency is called the 
threshold frequency. Different me- 
tals have different threshold fre- 
quencies. If the incident light has 
a frequency lower than the threshold 
Fig. frequency, no electrons are emitted 
no matter how great the intensity 
of the light is or how long the 


light its left on. 


The kinetic energies of the elec- 
trons can be measured in a slightly 
modified version of the apparatus of 
Fig. 18.6. The battery is reversed 
so that the plate A repels the elec- 
trons. The voltage can be varied 
from zero to a value just large 
enough to keep any electrons from 
reaching the plate A. A sketch of 
the modified apparatus is shown in 
| gs the en BS 


When the voltage across the 

‘8.3 plates is zero, the meter indicates 
a current, showing that the elec- 
trons emerge from the metallic sur- 
face with kinetic energy. As the 
voltage is increased the electron 
current decreases until a certain 
voltage is reached at which the 
current becomes zero. This voltage, 
Fig. which is called the stopping volt- 
age, is a measure of the maximum 
kinetic energy of the photoelec- 





trons. If the stopping voltage is 
denoted by Vstop F 
kinetic energy is given by the 


the maximum 


relation: 
= kmv2 = 
Renae amv" max Vstop qe 
The results may be stated more precisely. (We shall num- 


ber the important experimental results to make it more con- 


venient to discuss their theoretical interpretation later.) 


18.4 
(1) A substance shows a photoelectric effect only if the 


incident radiation has a frequency above a certain value 


called the threshold frequency. 


(2) If light of a given frequency can liberate electrons 
from a surface, the current is proportional to the intensity 
Ofethe, light. 


(3) If light of a given frequency can liberate electrons, 
the emission of the electrons is immediate. The time inter- 
val between the incidence of the light on the metallic 
surface and the appearance of electrons is not more than 
3 x 107-9? sec. This is true even for the lowest light in- 


tensities used. 


(4) The maximum kinetic energy of the photoelectrons in- 
creases linearly with the frequency of the light which causes 
their emission, and is independent of the intensity of the 
incident light. The way in which the maximum kinetic energy 
of the Electrons varies withthe frequency of the light is 
shown in Fig. 18.8. The symbols (fyi, (£0)2 and ad 
stand for the different threshold frequencies of three dif- 
ferent substances. For each substance, the experiments fall 


on a straight line. All the lines have the same slope. 


What is most surprising about the results is that photo- 
electrons are emitted at light frequencies barely above the 
threshold frequency, no matter how low the intensity of the 
light. Yet, at light frequencies just a bit below the 


threshold frequency, no electrons are emitted no matter how 


high the intensity of the light. 


The experimental results could not be explained on the 
basis of the classical electromagnetic theory of light. 
There was no way in which a very low-intensity train of 
light waves spread out over a large number of atoms could, 
in a very short time interval, concentrate enough energy on 
one electron to knock the electron out of the metal. In some 
experiments. the light intensity was so low that, according 
to the classical theory, it should take several hundred sec- 
onds for an electron to accumulate enough energy from the 
light to be emitted. But experimental result (3)shows that 
electrons are emitted about a billionth of a second after 


the light strikes the surface. 


Furthermore, the classical wave theory was unable to ac- 
count for the existence of a threshold frequency. There 


seemed to be no reason why a sufficiently intense beam of 
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Fig. 18.8 Photoelectric effect: 
maximum kinetic energy of the 
electrons as a function of the 
frequency of the incident light; 
different metals yield lines that 
are parallel, but have different 
threshold frequencies. 
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18.4 
low-frequency radiation would not be able to produce photo- 


electricity, if low-intensity radiation of higher frequency 
could produce it. Finally, the classical theory was unable 
to account for the fact that the maximum kinetic energy of 
the photoelectrons increases linearly with the frequency of 
the light but is independent of the intensity. Thus, the 
photoelectric effect posed a challenge which the classical 


wave theory of light could not meet. 
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QS Light falling on a certain metal surface causes electrons 
to be emitted. What happens as the intensity of the light is 
decreased? 


Q6 What happens as the frequency of the light is decreased? 
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18.5Einstein's theory of the photoelectric effect: guanta. The 


explanation of the photoelectric effect was the major work 

cited in the award to Albert Einstein of the Nobel Prize in 
See the articles "Einstein" and 
"Einstein and some Civilized physics for the year 1921. Einstein's theory, proposed in 
piscontente” in Project Ehreics 1905, played a major role in the development of atomic phys- 
eader ° 

ics. The theory was based on a daring proposal. Not only 

were many of the experimental details unknown in 1905, but 

the key point of Einstein's explanation was contrary to the 


classical ideas of the time. 


Einstein assumed that the energy of light is not distribu- 
ted evenly over the whole expanding wave front (as is assumed 
in the classical theory) but rather is concentrated into dis- 
crete small regions. Further, the amount of energy in each 
of these regions is not just any amount, but is a definite 
amount of energy which is proportional to the frequency f of 
the wave. The proportionality factor is a constant, denoted 

h = 6.6 x 10734joule-sec by h and called Planck's constant, for reasons which will be 


discussed later. Thus, on this model, the light energy comes 
in pieces, each of amount hf. The amount of radiant energy 


in each piece is called a quantum of energy; it represents 
the smallest quantity of energy of light of that frequency. 
The quantum of light energy was later called a photon. 


There is no explanation clearer or more direct than Ein- 
stein's. We quote from his first paper (1905) on this sub- 
ject, changing only the notation used there to make it 
coincide with usual current practice (including our own no- 
tation): 

..-According to the idea that the incident light con- 

sists of quanta with energy hf, the ejection of cath- 


ode rays by light can be understood in the following 
Way. Energy quanta penetrate the surface layer of the 
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18.5 


body, and their energy is converted, at least in part, 
into kinetic energy of electrons. The simplest pic- 
ture is that a light quantum gives up all its energy 
to a single electron; we shall assume that this hap- 
pens. The possibility is not to be excluded, however, 
that electrons receive their energy only in part from 
the light quantum. An electron provided with kinetic 
energy inside the body may have lost part of its ki- 
netic energy by the time it reaches the surface. In 
addition it is to be assumed that each electron, in 
leaving the body, has to do an amount of work W (which 
is characteristic of the body). The electrons ejected 
directly from the surface and at right angles to it 
will have the greatest velocities perpendicular to the 
surface. The kinetic energy of such an electron is 


KE = hf - W 
max 
If the body is charged to a positive potential 
Stop just large enough to keep the body from 


losing electric charge, we must have 


KE =hf -W=VvV q 


max stop e 


where q, is the magnitude of the electronic charge. ... 


If the derived formula is correct, Ne , when 


top 
plotted as a function of the frequency of the incident 
light, should yield a straight line whose slope should 
be independent of the nature of the substance illuminated. 


We can now compare Einstein's photoelectric equation with 
the experimental results to test whether or not the theory 
accounts for the results. According to the equation, the 
kinetic energy is greater than zero only when the frequency 
£f is High enough so that hf is greater than W. Hence, the 
equation says that an electron can be emitted only when the 
frequency of the incident light is greater than a certain 


value. 


Next, according to Einstein's photon model, it is an in- 
dividual photon that ejects an electron. The intensity of 
the light is proportional to the number of the photons, and 
the number of electrons ejected is proportional to the number 
of photons. Hence the number of electrons ejected is pro- 


portional to the intensity of the incident light. 


Student apparatus for photo- 
electric experiments often 
includes a vacuum phototube 
like the one at the right 
(actual size). The collect- 
ing wire is at the center of 
a cylindrical photosensitive 
surface. The frequency of 
the light entering the tube 
is controlled by placing 
colored filters between the 
tube and a light source. 





How Einstein's theory explains 
the photoelectric effect: 


(1) no photoelectric emission 
below threshold frequency. 


Reason: 


low-frequency photons 


don't have enough energy. 


(2) current « light intensity. 
Reason: 
electron. 


one photon ejects one 
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Albert Einstein (1879-1955) was born in the 
city of Ulm, in Germany. He received his 
early education in Germany and Switzer- 

land. Like Newton he showed no particular in- 
tellectual promise as a youngster. After 
graduation from the Polytechnic School, 
Einstein (in 1901) went to work in the Swiss 
Patent Office in Berne. This job gave Ein- 
stein a salary to live on and an opportunity 
to use his spare time in thinking about phys- 
ics. In 1905 he published three papers of 
epoch-making importance. One dealt with 
quantum theory and included his theory of 

the photoelectric effect. Another treated 

the problem of molecular motions and sizes, 
and worked out a mathematical analysis of 

the phenomenon of "Brownian motion.” Ein- 
stein's analysis and experimental work by 
Jean Perrin, a French physicist, made a strong 
argument for the molecular motions assumed in 
the kinetic theory. Einstein's third 1905 
paper discusses the theory of special relativ- 
ity which revolutionized modern thought about 
the nature of space, time and physical theory. 





In 1915, Einstein published his paper on the 
theory of general relativity, in which he 
provided a new theory of gravitation which 
included Newton's theory as a special case. 


When Hitler and the Nazis came to power 

in Germany, in 1933, Einstein came to the 
United States and became a member of the 
Institute for Advanced Studies at Princeton. 
He spent the rest of his working life 
seeking a unified theory which would include 
gravitation and electromagnetics. At the 
beginning of World War II, Einstein wrote a 
letter to President Franklin D. Roosevelt 
warning of the war potential of an "atomic 
bomb," on which the Germans had begun to work. 
After World War II, Einstein worked for a 
world agreement to end the threat of atomic 
warfare. 


18.5 
According to Einstein's model the light energy is con- 
centrated in the quanta (or photons). Hence, no time is 
needed for collecting light energy; the quanta transfer their 
energy immediately to the photoelectrons, which appear after 
the very short time required for them to escape from the sur- 


face. 


Finally, according to the photoelectric equation, the 
greater the frequency of the incident light, the greater 
is the maximum kinetic energy of the ejected electrons. 
According to the photon model, the photon energy is directly 
proportional to the light frequency. The minimum energy 
needed to eject an electron is that required to supply the 
energy of escape from the metal surface—which explains why 
light of frequency less than fy cannot eject any electrons. 
The difference in the energy of the absorbed photon and the 
energy lost by the electron in passing through the surface 


is the kinetic energy of the escaping electron. 


Thus, Einstein's photoelectric equation agrees quali- 
tatively with the experimental results. There remained two 
quantitative tests: (1) does the maximum energy vary linearly 
with the light frequency? (2) is the proportionality factor 
h the same for all substances? The quantitative test of the 
theory required some ten years. There were experimental dif- 
ficulties connected with preparing metal surfaces which were 
free of impurities (for example, a layer of oxidized metal). 
It was not until 1916 that it was established that there is 
indeed a straight-line relationship between the frequency of 
the light and the maximum kinetic energy of the electrons. 
to the point where the experimental points on the graph fit 
a straight line obviously better than any other line. (See 
the figure on the next page.) Having achieved that degree 
of accuracy, Millikan could then show that the straight lines 
obtained for different metals all had the same slope, even 
though the threshold frequencies were different. The value 
of h could be obtained from Millikan's measurements; it agreed 
very well with a value obtained by means of another, independ- 


ent method. So Einstein's theory was verified quantitatively. 


Historically, the first suggestion of a quantum aspect of 
electromagnetic radiation came from studies of the heat ra- 
diated by solids rather than from the photoelectric effect. 


The concept of quanta of energy hf was introduced by Max 
Planck, a German physicist, in 1900, five years before Ein- 


The constant h is known as Planck's con- 


stein's theory. 


stant. Planck was trying to account for the way in which 


(3) immediate emission. 

Reason: a single photon pro- 
vides the energy concentrated in 
one place. 


(4) KEmax increases linearly 
with frequency above f.. 
Reason: the work needed to re- 
move the electron is W = hf os 
any energy left over from 

the original photon is now avail- 
able for kinetic energy of the 
electron. 


See "Space Travel: Problems 
of Physics and Engineering" 


in Project Physics Reader 5. 


The equation KE = hf-W led 
max 


to two Nobel prizes: one to 

Einstein, who derived it theo- 
retically, and one to Millikan, 
who verified it experimentally. 
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Robert Andrews Millikan (1868- 
1953), an American physicist, 
attended Oberlin College, where 
his interest in physics was 
only mild. After his gradua- 
tion he became more interested 
in physics, taught at Oberlin 
while taking his master's de- 
gree, and then obtained his 
doctor's degree from Columbia 
University in 1895. After 
post-doctoral work in Germany 
he went to the University of 
Chicago, where he became a pro- 
fessor of physics in 1910. His 
work on the determination of 
the electronic charge took from 
1906 to 1913. He was awarded the 
Nobel Prize in physics in 1923 
for this research and for the 
very careful experiments which 
resulted in the verification 

of the Einstein photoelectric 
equation. In 1921, Millikan 
moved to the California Insti- 
tute of Technology, eventually 
becoming its president. 





Some of Millikan's data, which verified Einstein's photoelectric equation, are plotted below. The 
straight-line relationship between frequency and potential is evident and the calculated value of h (in 
the inset) differs from the best modern values by only one percent. To obtain his data Millikan de- 
signed an apparatus in which the metal photoelectric surface was cut clean while in a vacuum. A knife 
inside the evacuated volume was manipulated by an electromagnet outside the vacuum to make the cuts. 
This rather intricate arrangement was required to achieve an uncontaminated metal surface. 
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(Millikan's own symbols are shown here; they are different from the ones used in the text. Can you figure 
out the meaning of his symbols and units from the information given?) 








18.6 X rays. 


18.5 
the heat energy radiated by a hot body depends on the fre- 
quency of the radiation. 


Classical physics (nineteenth- 


century thermodynamics and electromagnetism) could not ac- 
count for the experimental facts. Planck found that the 
facts could only be interpreted in terms of quanta. Ein- 
stein's theory of the photoelectric effect was actually an 
extension and application of 


Both the 


Planck's quantum theory of 
thermal radiation. experiments on thermal radia-~ 
tion and the theory are much more difficult to describe 

than are the experiments and 


effect. 


the theory of the photoelectric 
That is why we have chosen to introduce the new 
(and difficult) concept of quanta of energy by means of the 


photoelectric effect. 


Planck's application of his theory to the experimental 
data available in 1900 yielded a value of his constant h. 
The value of h obtained by Millikan in his experiments 
agreed very well with Planck's value and had greater pre- 
cision. Additional, independent methods of determining 
Planck's constant have been devised; the values obtained 


with all different methods are in excellent agreement. 


The photoelectric effect presented physicists with a 
difficult problem. According to the classical wave theory, 
light consists of electromagnetic waves extending continuous- 
ly throughout space. This theory was highly successful in 
explaining optical phenomena (reflection, refraction, po- 
larization, interference) but could not account for the 


photoelectric effect. Einstein's theory, in which the ex- 
istence of discrete bundles of light energy was postulated, 
accounted for the photoelectric effect; it could not account 
for the other properties of light. The result was that there 
were two models whose basic concepts were mutually contra- 

Each model had its successes and failures. The 


what, 


dictory. 
problem was: if anything, could be done about the 
contradictions between the two models? We shall see later 
that the problem and its treatment have a central position 
in modern physics. 
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Q7 Einstein's idea of a quantum of light had a definite rela- 
tion to the wave model of light. What was it? 


Q8 Why doesn't the electron have as much energy as the quantum 
of light which ejects it? 


Q9 What does a "stopping voltage" of 2.0 volts indicate? 
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In 1895, another discovery was made which, like the 
photoelectric effect, did not fit in with accepted ideas 


about electromagnetic waves and needed quanta for its ex- 





Max Planck (1858-1947), a German 
physicist, was the originator of 
the quantum theory, one of the 
two great revolutionary physical 
theories of the 20th century. 
(The other is Einstein's rela- 
tivity theory.) Planck won the 
Nobel Prize in 1918 for his quan- 
tum theory. He tried hard to make 
this theory fit in with the 
classical physics of Newton and 
Maxwell, but never succeeded. 
Einstein extended the idea of 
quanta much further than Planck 
himself did. 


Surprisingly, Planck was skeptical 
of Einstein's photoelectric 
theory when it was first intro- 
duced and once said, "If in some 
of his speculations—as for ex- 
ample in his hypothesis of the 
light quanta—he was overshooting 
the target, this should hardly 

be counted against him. Without 
taking certain risks one would 
not be able to advance even in 
the most exact of the sciences." 
In spite of this early disagree- 
ment Planck and Einstein were 
friends and had the greatest 
respect for each other's scien- 
tific achievements. 
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Wilhelm Konrad Rontgen 
(1845-1923) 


The discovery of x rays. was nar- 
rowly missed by several physi- 
cists. Hertz and Lenard (another 
well-known German physicist) 
failed to distinguish the cathode 
rays—perhaps because they didn't 
happen to have a piece of paper 
covered with barium platinocy- 
anide lying around to set them 
on the track. An English physi- 
cist, Frederick Smith, found 

that photographic plates kept 

in a box near a cathode-ray tube 
were liable to be fogged—he 

told his assistant to keep them 
in another place! 
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planation. The discovery was that of x rays by the German 


physicist, Wilhelm Rontgen. The original discovery, its 


consequences for atomic physics, and the uses of x rays are 


all dramatic and important. We shall, therefore, discuss 


x rays in some detail. 


On November 8, 1895, Rontgen was experimenting with 
cathode rays, aS were many physicists all over the world. 


According to a biographer, 


He had covered the all-glass pear-shaped tube with 
pieces of black cardboard, and had darkened the room 
in order to test the opacity of the black paper cover. 
Suddenly, about a yard from the tube, he saw a weak 
light that shimmered on a little bench he knew was 
nearby. Highly excited, Rontgen lit a match and, to 
nis great surprise, discovered that the source of the 
mysterious light was a little barium platinocyanide 
screen lying on the bench. 

Barium platinocyanide, 


a mineral, is one of the many 


that 26, 
light when illuminated with ultraviolet light. 


chemicals known to fluoresce, to emit visible 

No source 

of ultraviolet light was present in Rontgen's experiment. 
Cathode rays had not been observed to travel more than a few 
centimeters in air. Hence, neither ultraviolet light nor 
the cathode rays themselves could have caused the fluores- 


cence. Rontgen, therefore, deduced that the fluorescence he 


had observed was 


that is 


due to rays of a new kind, which he named 


x rays, rays of an unknown nature. During the next 
seven weeks he made a series of experiments to determine 

the properties of this new radiation. He reported his re- 
1895 to the Wurtzberg Physical Medical 


Society in a paper whose title, 


sults on Dec. 28 
translated, is "On a New 


Kind of Rays." 


Rontgen's paper described nearly all of the properties of 
xX rays that are known even now. It included an account of 
the method of production of the rays and proof that they 
originated in the glass wall of the tube where the cathode 
rays strike. Rontgen showed that the rays travel in straight 
lines from their place of origin and that they darken a 
vhotographic plate. He reported in detail the ability of 
the x rays to penetrate various substances—paper, wood, 
aluminum, platinum and lead. Their penetrating power was 
flesh) than 


lead, bone). 


greater through light materials (paper, wood, 


He described 
hand, 


through dense materials (platinum, 


photographs showing "the shadows of bones of the ofa 


set of weights in a small box, and of a piece of metal whose 


inhomogeneity becomes apparent with x rays." He gave a clear 


description of the shadows cast by the bones of the hand on 
the fluorescent screen. Rontgen also reported that the x rays 


Opposite: One of the earliest x-ray photographs made in the United 
States, It was made by Michael Pupin of Columbia University in 
1896, The man x rayed had been hit by a shotgun blast. 





X rays were often referred to 
as Réntgen rays after their 
discoverer. 


Such a particle—the neutron— 
was discovered in 1932. You 
will see in Chapter 23 (Unit 6) 
how hard it was to identify. 
But the neutron has nothing to 
do with x rays. 
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18.6 
were not deflected by a magnetic field, and showed no re- 


flection, refraction or interference effects in ordinary 


optical apparatus. 


One of the most important properties of x rays was dis- 
covered by J. J. Thomson a month or two after the rays 
themselves had become known. He found that when the rays 
pass through a gas they make it a conductor of electricity. 
He attributed this effect to "a kind of electrolysis, the 
molecule being split up, or nearly split up by the Rontgen 
rays." The x rays, in passing through the gas, knock elec- 
trons loose from some of the atoms of the gas. The atoms 
that lose these electrons become positively charged. They 
are called ions because they resemble the positive ions in 


electrolysis, and the gas is said to be ionized. 


ROéntgen and Thomson found, independently, that the ioniza- 
tion of air produced by x rays discharges electrified bodies. 
The rate of discharge was shown to depend on the intensity 
of the rays. This property was therefore used as a quanti- 
tative means of measuring the intensity of an x-ray beam. 

As a result, careful quantitative measurements of the prop- 


erties and effects of x rays could be made. 


One of the problems that aroused interest during the 
years following the discovery of x rays was that of the 
nature of the rays. They did not act like charged parti- 
cles—electrons for example—because they were not deflected 
by a magnetic field (or by an electric field). They there- 
fore had to be either neutral particles or electromagnetic 
waves. It was difficult to choose between these two possi- 
bilities. On the one hand, no neutral particles of atomic 
size (or smaller) were known which had the penetrating power 
of x rays. The existence of neutral particles with high 
penetrating power would be extremely hard to prove in any 
case, because there was no way of getting at them. On the 
other hand, if the x rays were electromagnetic waves, they 
would have to have extremely short wavelengths: only in 
this case, according to theory, could they have high pene- 
trating power and show no refraction or interference effects 


with optical apparatus. 


The spacing between atoms in a crystal is very small. 
It was thought, therefore, that if x rays were waves, they 
would show diffraction effects when transmitted through 
crystals. In 1912, experiments on the diffraction of x rays 
by crystals showed that x rays do, indeed, act like electro- 
Magnetic radiations of very short wavelength—like ultra 


ultraviolet light. These experiments are too complicated to 


18.6 
discuss here but they were convincing to physicists, and 


the problem of the nature of x rays seemed to be solved. 


X rays were also found to have quantum properties. They 
cause the emission of electrons from metals. These elec- 
trons have greater kinetic energies than those produced by 
ultraviolet light. The ionization of gases by x rays is 
also an example of the photoelectric effect; in this case 
the electrons are freed from molecules. Thus, x rays also 


require quantum theory for the explanation of their behavior. X-ray diffraction patterns 


The problem of the apparent wave and particle properties of from a metal crystal. 
light was aggravated by the discovery ie ’ 

that x rays also showed wave and par- % 

ticle properties. ~ 


Rontgen's discovery excited intense 
interest throughout the entire scientif- 
ic world. His experiments were repeated, , 
and extended, in many laboratories in . 
both Europe and America. The scientific 
journals, during the year 1896, were 
filled with letters and articles describ- 
ing new experiments or confirming the 
results of earlier experiments. This 
widespread experimentation was made . 
possible by the fact that, during the 
years before Rontgen's discovery, the Py 
passage of electricity through gases had 
been a popular topic for study by physi- 





cists. Hence many physics laboratories 
had cathode-ray tubes and could produce x rays easily. In- 
tense interest in x rays was generated by the spectacular use 
of these rays in medicine. Within three months of Rontgen's 
discovery, x rays were being put to practical use in a hos- 
pital in Vienna in connection with surgical operations. The 


use of this new aid to surgery spread rapidly. Since Ront- An English physicist, Sir Arthur 
Schuster, wrote that for some 

, A time after the discovery of 
medical practice, especially the diagnosis of some diseases x rays, his laboratory at Man- 
chester was crowded with medical 
men bringing patients who were 
science, both physical and biological, uses have been found believed to have needles in 
various parts of their bodies. 


gen's time, x rays have revolutionized certain phases of 
and the treatment of cancer. In other fields of applied 


for x rays which are nearly as important as their use in 

medicine. Among these are the study of the crystal structure 
of materials; "industrial diagnosis," such as the search for 
possible defects in the materials of engineering; the analy- 
sis of such different substances as coal and corn; the study 
of old paintings; the detection of artificial gems; the study 


of the structure of rubber; and many others. 
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X rays are commonly produced by direct- 
ing a beam of high energy electrons 
onto a metal target. As the electrons 
are deflected and stopped, x rays of 
various energies are produced, The 
maximum energy a single x ray can have 
is the total kinetic energy of an in- 
cident electron. So the greater the 
voltage across which the electron beam 
is accelerated, the more energetic 
and penetrating—are the x rays. One 
type of x ray tube is shown in the 
sketch below, where a stream of elec- 
trons is emitted from C and accelerated 
across a high voltage to a tungsten 
target T. 


as, 


In the photograph at the right is a 
high voltage machine which is used to 
produce x rays for research. This 

van de Graaf type of generator (named 
after the American physicist who in- 
vented it), although not very different 
in principle from the electrostatic 
generators of the 1700's, can produce 
an electric potential difference of 
4,000,000 volts. 


Such a high voltage is possible because 
of a container, seen in the photograph 
about to be lowered over the generator, 
which will be filled with a nonconduct- 
ing gas under high pressure. (Ordi- 
narily, the strong electric fields 
around the charged generator would 
ionize the air and charge would leak 
OL.) 
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Above left is a rose, photographed with 
x rays produced by an accelerator-voltage 
of 30,000 volts. At left is the head of 
a dogfish shark; its blood vessels have 
been injected with a fluid that absorbs 
x rays. Below, x rays are being used to 
inspect the welds of a 400-ton tank for 
a nuclear reactor. At the right is the 
familiar use of x rays in dentistry and 
the resulting records. Because x rays 
are injurious to tissues, a great deal 
of caution is required in using them. 
For example, the shortest possible pulse 
is used, lead shielding is provided for 
the body, and the technician retreats 
behind a wall of lead and lead glass. 











<4] 


O10 X rays were the first "ionizing" radiation discovered. What 
does "ionizing" mean? 





Qii What were three properties of x rays that led to the conclu- 
sion that x rays were electromagnetic waves? 


Q12 What was the evidence that x rays had a very short wave- 
length? 





18.7Electrons, quanta and the atom. By the beginning of the 
twentieth century enough chemical and physical information 
was available so that many physicists devised models of 
atoms. It was known that electrons could be obtained from 
many different substances and in different ways. But, in 
whatever way the electrons were obtained, they were always 
found to have the same properties. This suggested the notion 
that electrons are constituents of all atoms. But electrons 
are negatively charged, while samples of an element are or- 
dinarily neutral and the atoms making up such samples are 
also presumably neutral. Hence the presence of electrons in 
an atom would require the presence also of an equal amount of 


positive charge. 


The determination of the values of q/m for the electron 
and for charged hydrogen atoms (ions, in electrolysis ex- 
periments) indicated, as mentioned in Sec. 18.2, that hydro- 
gen atoms are nearly two thousand times more massive than 
electrons. Experiments (which will be discussed in some 
detail in Chapter 22) showed that electrons constitute only 
a very small part of the atomic mass in atoms more massive 
than those of hydrogen. Consequently any model of an atom 
must take into account the following information: (a) an 
electrically neutral atom contains equal amounts of positive 
and negative charge; (b) the negative charge is associated 
with only a small part of the mass of the atom. Any atomic 
model should answer two questions: (1) how many electrons 
are there in an atom, and (2) how are the electrons and the 


positive charges arranged in an atom? 


During the first ten years of the twentieth century sev- 
eral atomic models were proposed, but none was satisfactory. 
The early models were all based upon classical physics, that 
is, upon the physics of Newton and Maxwell. No one knew 
how to invent a model based upon the theory of Planck which 
incorporated the quantization of energy. There was also 
need for more experimental knowledge. Nevertheless this state 
of affairs didn't keep physicists from trying: even a partly 
wrong model might suggest experiments that might, in turn, 
provide clues to a better model. Until 1911 the most pop- 
ular model was one proposed by J. J. Thomson in 1904. 


18.7 


Thomson suggested that an atom consisted of a sphere of 
positive electricity in which was distributed an equal 
amount of negative charge in the sorm of electrons. Under 
this assumption, the atom was like a pudding of positive 
electricity with the negative electricity scattered in it 
like raisins. The positive "fluid" was assumed to act on the 
negative charges, holding them in the atom by means of elec- 
tric forces only. Thomson did not specify how the positive 
"fluid" was held together. The radius of the atom was taken 
to be of the order of 107-8 cm on the basis of information 
from the kinetic theory of gases and other considerations. 
With this model Thomson was able to calculate certain prop- See ''The ‘Thomson’ Atom" 
erties of atoms. For example, he could calculate whether it tn Project Physics Reader. 
would be possible for a certain number of electrons to re- 
main in equilibrium, that is, to stay inside the atom with- 
out flying apart. Thomson found that certain arrangements 
of electrons would be stable. Thus, Thomson's model was 
consistent with the existence of stable atoms. Thomson's 
theory also suggested that chemical properties might be as- 
sociated with particular groupings of electrons. A systematic 


repetition of chemical properties might then occur among 
Some stable arrangements of 


groups of elements. But it was not possible to deduce the electrons in Thomson atoms. 
structure of particular elements and no detailed comparison The atomic number Z is inter- 

é ; : preted as the number of elec- 
with the actual periodic table could be made. Prone 





: 


Z=/ #=2 £=3 Z-4 Z 


In Chapter 19 we shall discuss some additional experimen- 


tal information that provided valuable clues to the structure 
of atoms. We shall also see how one of the greatest physi- 
cists of our time, Niels Bohr, was able to combine the ex- 
perimental evidence with the concept of quanta into an 
exciting theory of atomic structure. Although Bohr's theory 
was eventually replaced, it provided the clues that led to 
the presently accepted theory of the atom—the quantum 
mechanical theory. 


LLL EERE ALE LE LLL EAN ETL NELLA DELLE DLL LED AA LELAND LALLA ELLA LOLI LL AL_ DALAL DAR, 
Q13 Why was most of the mass of an atom believed to be associated 
with positive electric charge? 

nm EN NAN LON TLE EE LL EL ATELIER LLL ALE TOLL LEDS 








N 
amp -m 


The MKSA unit of B is 





and is now called the tesla 
(after the electrical engine- 
er, Nikola Tesla). Measured 
in this unit the earth's mag- 
netic field is about 0.00005T 
and that of a good electro- 
magnet about 1.0t. 


Planck's constant has the value 


h = 6.6 x 107+ joule-sec. 
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18.1. In Thomson's experiment (Fig. 18.4) on the ratio of 
charge to mass of cathode ray particles, the following might 
have been typical values for B, V and d: with a magnetic 
field B alone the deflection of the beam indicated a radius 
of curvature of the beam within the field of 0.114 meters 
for B = 1.0 x 107° tesla. With the same magnetic field, the 
addition of an electric field in the same region (V = 200 
volts, plate separation d = 0.01 meter) made the beam come 
straight through. 

a) Find the speed of the cathode ray particles in 

the beam, 
b) Find q/m for the cathode ray particles. 


18.2 Given the value for the charge on the electron, show 
that a current of one ampere is equivalent to the movement 
of 6.25 x 10:8 electrons per second past a given point. 


18.3 In the apparatus of Fig. 18.7, an electron is turned 
back before reaching plate A and eventually arrives at plate 
C from which it was ejected. It arrives with some kinetic 
energy. How does this final energy of the electron compare 
with the energy it had as it left the cathode? 


18.4 It is found that at light frequencies below the critical 
frequency no photoelectrons are emitted. What happens to the 
light energy? 


18.5 For most metals, the work function W is about 107!9 
joules. To what frequency does this correspond? In what 
region of the spectrum is this frequency? 


18.6 What is the energy of a light photon which has a wave- 
length of 5 x 107-7 m2? 5 x 1078 m? 


18.7 The minimum or threshold frequency for emission of 
photoelectrons for copper is 1.1 x 1015 cycles/sec. When 
ultraviolet light of frequency 1.5 x 1015 cycles/sec shines 
on a copper surface, what is the maximum energy of the 
photoelectrons emitted, in joules? In electron volts? 


18.8 What is the lowest-frequency light that will cause the 
emission of photoelectrons from a surface for which the work 
function is 2.0 eV, that is, a surface such that at least 
2.0 eV of energy are needed to eject an electron from it? 


18.9 Monochromatic light of wavelength 5000 A falls on a 
metal cathode to produce photoelectrons. The light intensity 
at the surface of the metal is 10% joules/m2 per sec. 
a) How many photons fall on 1 m in one sec? 
b) If the diameter of an atom is 1 A, how many photons 
fall on one atom in one second on the average? 
c) How often would one photon fall on one atom on the 
average? 
d) How many photons fall on one atom in 107!9 sec on 
the average? 
e) Suppose the cathode is a square 0.05 m on a side. 
How many electrons are released per second, assum- 
ing every photon releases a photoelectron? How 
big a current would this be in amperes? 


18.10 Roughly how many photons of visible light are given off 
per second by a l-watt flashlight? (Only about 5 per cent 
of the electric energy input to a tungsten-filament bulb is 
given off as visible light.) 


Hint: first find the energy, in joules, of an average 
photon of visible light. 


18.11 The highest frequency, Be es of the x rays produced by 


an x-ray machine is given by the relation 
Deak a CEE 
where h is Planck's constant and V is the potential differ- 


ence at which the machine operates. If V is 50,000 volts, 
what is Eon 


18.12 The equation giving the maximum energy of the x rays in 
the preceding problem looks like one of the equations in 
Einstein's theory of the photoelectric effect. How would you 
account for this similarity? 


18.13What potential difference must be applied across an 
x-ray tube for it to emit x rays with a minimum wavelength 
of 10-11 m? What is the energy of these x rays in joules? 
In electron volts? 


18.144 glossary is a collection of terms limited to a special 
field of knowledge. Make a glossary of terms that appeared 
for the first time in this course in Chapter 18. Make an 
informative statement about each concept, 


18.15In his Opticks, Newton proposed a set of hypotheses about 
light which, taken together, constitute a fairly complete 
model of light. The hypotheses were stated as questions. 
Three of the hypotheses are given below: 


Are not all hypotheses erroneous, in which light is 
supposed to consist in pression or motion waves ...? 
(Quest. 28] 


Are not the rays of light very small bodies emitted 
from shining substances? [Quest. 29 ] 


Are not gross bodies and light convertible into one 
another, and may not bodies receive much of their 
activity from the particles of light which enter 
their composition? [Quest. 30] 


a) Was Einstein's interpretation of the photoelectric 
effect anticipated by Newton? How are the models 
similar? How different? 

b) Why would Newton's model be insufficient to explain 

the photoelectric effect? What predictions can we 
make with Einstein's model that we can't with 
Newton's? 
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Sculpture representing the Bohr model of a sodium atom. 


19.1Spectra of gases. One of the first real clues to our under- 
standing of atomic structure was provided by the study of 
the emission and absorption of light by samples of the ele- 
ments. This study, carried on for many years, resulted in 
a clear statement of certain basic questions that had to be 
answered by any theory of atomic structure, that is, by any 
atomic model. The results of this study are so important to 
our story that we shall review the history of their develop- 


ment in some detail. 


It had long been known that light is emitted by gases or 
vapors when they are excited in any one of several ways: by 
heating the gas to a high temperature, as when some volatile 
substance is put into a flame; by an electric discharge, as 
when the gas is between the terminals of an electric arc or 
spark; by a continuous electric current in a gas at low pres- 


sure, as in the familiar "neon sign." 


The pioneer experiments on light emitted by various ex- 
cited gases were made in 1752 by the Scottish physicist 
Thomas Melvill. He put one substance after another in a 
flame; and "having placed a pasteboard with a circular hole 
in it between my eye and the flame..., I examined the con- 
stitution of these different lights with a prism." Melvill 
found the spectrum of light from a hot gas to be different 
from the continuum of rainbow colors in the spectrum of a 
glowing solid or liquid. Melvill's spectrum consisted, not 
of an unbroken stretch of color continuously graded from 
violet to red, but of individual circular spots, each having 
the color of that part of the spectrum in which it was lo- 
cated, and with dark gaps (missing colors) between the spots. 
Later, when more general use was made of a narrow slit through 
which to pass the light, the spectrum of a gas was seen as a 
set of lines (Fig. 19.1); the lines are colored images of the 
slit. Thus the spectrum of light from a gas came to be called 
a line emission spectrum. From our general theory of light and 
of the separation of light into its component colors by a prism, 
we may infer that light from a gas is a mixture of only a_ few 


definite colors or narrow wavelength regions of light. 


Melvill also noted that the colors and locations of the 
bright spots were different when different substances were 
put in the flame. For example, with ordinary table salt in 
the flame, the predominant color was "bright yellow" (now 
known to be characteristic of the element sodium). In fact, 
the line emission spectrum is markedly different for each 
chemically different gas. Each chemical element has its 


own characteristic set of wavelengths (Fig. 19.1). In 
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19.1 
looking at a gaseous source without the aid of a prism or a 


grating, the eye synthesizes the separate colors and perceives 
the mixture as reddish for glowing neon, pale blue for nitro- 


gen, yellow for sodium vapor, and so on. 


Some gases have relatively simple spectra. Thus sodium 
vapor shows two bright yellow lines in the visible part of 
the spectrum. Modern measurements give 5889.953 A and 
S89 59 25 A for their wavelengths. Only a good spectrometer 
can separate them clearly, and we usually speak of them as 
a sodium "doublet" at about 5890 A. Some gases or vapors, 
on the other hand, have exceedingly complex spectra. Iron 
vapor, for example, has some 6000 bright lines in the visible 


range alone. 


In 1823 the British astronomer John Herschel suggested 

that each gas could be identified from its unique line spec- 
trum. Here was the beginning of what is known as spectrum 
analysis. By the early 1860's the physicist Gustav R. Kirch- 
hoff and the chemist Robert W. Bunsen, in Germany, had joint- 
ly discovered two new elements (rubidium and cesium) by noting 
previously unreported emission lines in the spectrum of the 
vapor of a mineral water. This was the first of a series of 
such discoveries; it started the development of a technique 
making possible the speedy chemical analysis of small samples 


by spectroscopy. 


In 1802 the English scientist William Wollaston saw in 
the spectrum of sunlight something that had been overlooked 
before. Wollaston noticed a set of seven sharp, irregularly 
spaced dark lines across the continuous solar spectrum. He 
did not understand why they were there, and did not carry 
the investigation further. A dozen years later, Fraunhofer, 
the inventor of the grating spectrometer, used better instru- 
ments and detected many hundred such dark lines. To the most 
prominent dark lines, Fraunhofer assigned the letters A, B, 


Gn oe 





KH G F E D C B A 
Violet Blue Green Yellow Orange Red 


Fig. 19.2 The Fraunhofer dark lines in the visible part of the solar 
spectrum; only a few of the most prominent lines are represented... 


In the spectra of several other bright stars, he found 
similar dark lines, many of them, although not all, being 


in the same positions as those in the solar spectrum. 





Fig. 19.1 Parts of the line 
emission spectra of mercury 
(Hg) and helium (He), redrawn 
from photographic records. 
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19.1 

The key observations toward a better understanding of 
both the dark-line and the bright-line spectra of gases 
were made by Kirchhoff in 1859. By that time it was known 
that the two prominent yellow lines in the emission spec- 
trum of heated sodium vapor had the same wavelengths as two 
prominent dark lines in the solar spectrum to which Fraun- 
hofer had assigned the letter D. It was also known that 
the light emitted by a glowing solid forms a perfectly con- 
tinuous spectrum that shows no dark lines. Kirchhoff now 
demonstrated that if the light from a glowing solid, as 
on page 66, is allowed first to pass through sodium vapor 
having a temperature lower than that of the solid emitter 
and is then dispersed by a prism, the spectrum exhibits 
two prominent dark lines at the same place in the spectrum 
as the D-lines of the sun's spectrum. When this experiment 
was repeated with other gases placed between the glowing 
solid and the prism, each was found to produce its own 
characteristic set of dark lines. Evidently each gas in 
some way absorbs light of certain wavelengths from the 


passing "white" light; hence such a pattern of dark lines 
Fig. 19.4 Comparison of the line 


absorption and emission spectra 
of sodium vapor. from the bright-line emission spectrum which the same gas 


absorption 
spectrum 
I) | | 
emission H | 
spectrum 
| 
—a+—_—_——_ultraviolet oe ible +} —infrares ——> 


would send out at a higher temperature. Most interesting 


is called a line absorption spectrum, to differentiate it 





of all, Kirchhoff showed that the wavelength corresponding 
to each absorption line is equal to the wavelength of a 
bright line in the emission spectrum of the same gas. The 
conclusion is that a gas can absorb only light of those 
Satas wavelengths which, when excited, it can emit (Fig. 19.4). 
But not every emission line is represented in the absorp- 


tion spectrum. 





Qt What can you infer about light which gives a bright line 
spectrum? 


Q2 How can such light be produced? 


ALAN A LEGGY HMA AOR I GE NT A ER EN 





Q3 What can you infer about light which gives a dark line 
spectrum? 


Q4 How can such light be produced? 
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19.2Regularities in the hydrogen spectrum. The spectrum of hy- 


drogen is especially interesting for historical and theoreti- 
cal reasons. In the visible and near ultraviolet regions, 
the emission spectrum consists of a series of lines whose 


ositions are indicated in Fig. 19.5. In 188 i 
is g sy 7 4 Swiss Johann Jakob Balmer (1825-1898), 





school teacher, Johann Jakob Balmer, found a simple formula a teacher at a girls' school in 
—an empirical relation—which gave the wavelengths of the ere ReSe Land crea Cece ae 
: lengths of spectra listed in 
lines known at the time. The formula is: tables through his interest in 
mathematical puzzles and numer- 
2 ology. 
ns = 29 ‘ultraviolet —>|«—visible 


Here b is a constant which Balmer determined empirically and 
found to be equal to 3645.6 R, and n is a whole number, dif- 
ferent for each line. Specifically, n must be 3 for the 





- _ Series Hy Hg Hg 
first (red) line of the hydrogen emission spectrum (named OO) es 
n = 4 for the second (green) line (He) ; n = 5 for the third Fig. 19.5 The Balmer lines of 


’ ; ; hydrogen; redrawn from a photo- 
(blue) line (HL) i and n = 6 for the fourth (violet) line (H,). graph made with a film sensitive 


Table 19.1 shows the excellent agreement (within 0.02 %) be- to ultraviolet light as weli as 
; aes to visible light. 
tween the values Balmer computed from his empirical formula 


and previously measured values. 


In his paper of 1885, Balmer also speculated on the pos- 
sibility that there might be additional series of hitherto 
unsuspected lines in the hydrogen spectrum, oi that their 
wavelengths could be found by replacing the 2 a oe 
inator of his equation by other numbers such asl,3,4, 
and so on. This suggestion, which stimulated many workers 
to search for such additional spectral series, also turned 
out to be fruitful. The formula was found to need still 
another modification (which we shall discuss shortly) before 


it would correctly describe the new series. 


To use modern notation, we first rewrite Balmer's formula 


in a more suggestive form: 


| 


Wavelength r (A) Table 19.1 Data on hy- 

i drogen spectrum (as given 
| Name From Balmer's By Angstrom's in Balmer's paper). 
' of Line n formula measurement Difference 

H 3 6562.08 6562.10 +0.02 

a 

H 4 4860.8 4860.74 -0.06 
! B 
pee ea 5 4340 4340.1 AGT Al 
\ Yi 
) H 6 4101.3 ALOU rz -0.1 
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Part of the ultraviolet 
spectrum of the star 
Rigel (8 Orion). The 
dark bands are due to 
absorption by hydrogen 
gas and match the lines 
of the Balmer series as 
indicated by the H num- 
bers (where H, would be 
Hy» Hy would be He etc.) 





19.2 

In this equation, which can be derived from the first one, 
Ry is a constant, equal to 4/b. It is called the Rydberg 
constant for hydrogen in honor of the Swedish spectroscopist 
J. R. Rydberg who, following Balmer, made great progress in 
the search for various spectral series. The lines described 
by Balmer's formula are said to form a series, called the 


Balmer series. 


If we can now follow Balmer's speculative suggestion of 


replacing 2% by other numbers, we obtain the possibilities: 


ge 1 Die ey sl Pe eee ee ee 

pa tie ah iit Was 2\' nae lee a bee 
£< an 3 n 4 n 

and so on. All these possible series of lines can be summa- 


rized in one formula: 


where N¢ is an integer that is fixed for any one series for 
which wavelengths are to be found (for example, it is 2 for 
the Balmer series). The letter n. denotes integers that 
take on the values Np ae ee Np ee Np +: 3, piste ng Ole thecgsuce= 
cessive individual lines in a given series (thus, for the 
first two lines of the Balmer series, n; is 3 and 4, respec- 
tively). The Rydberg constant Ry should have the same value 


for all of these hydrogen series. 


So far, our discussion has been merely speculation. No 
series, no single line fitting the formula in the general 
formula, need exist (except for the Balmer series, where 
N¢ =2). But when we look for these hypothetical lines—we 
find that they do exist. 


In 1908, F. Paschen in Germany found two hydrogen lines 
in the infrared whose wavelengths were correctly given by 


setting n, = 3 and neae 4 and 5 in the general formula, and 


many oe lines in this Paschen series have since been 
identified. With improvements of experimental apparatus and 
techniques, new regions of the spectrum could be explored, 
and then to the Balmer and Paschen series others gradually 
were added. In Table 19.2 the name of each series is that 


of its discoverer. 


Balmer had also expressed the hope that his formula might 
indicate a pattern for finding series relationships in the 
spectra of other gases. This suggestion bore fruit even 
sooner than the one concerning additional series for hydro- 


gen. Rydberg and others now made good headway in finding 


19.2 
series formulas for various gases. While Balmer's formula 


did not serve directly in the description of spectra of 
gases other than hydrogen, it inspired formulas of similar 
mathematical form that were useful in expressing order in 
portions of a good many complex spectra. The Rydberg con- 
stant Ry also reappeared in such empirical formulas. 


Table 19.2 Series of lines in the hydrogen spectrum. 


Name of Date of Values in Region of 
series Discovery Bose (197'3) spectrum 


Lyman 1906-1914 Np = Teele meses Ut raviToOlet 
Balmer 1885 Np = 2 eee a oo. LET Ay LOLet— 
visible 

_ Paschen 1908 Diem=eotet) =e, 5). 6,.....Lnirared 


Brackett 1922 Ne = 4, n; =m Otel )p.tere LN raned SG 19.2 


 Pfund 1924 Newmont —16, 7, S,...intrared SG 18.3 
SG 19.4 
Physicists tried to account for spectra in terms of atomic 
models. But the great number and variety of spectral lines, 
even from the simplest atom, hydrogen, made it difficult to 
do so. Nevertheless, physicists did eventually succeed in 
understanding the origin of spectra. In this chapter and 


the next one, we shall get some idea of how this was done. 





Q5 What evidence did Balmer have that there were other series 
of lines in the hydrogen spectrum with terms 3°, 47, etc.? 


Q6 Often discoveries result from careful theories (like 
Newton's) or a good intuitive grasp of phenomena (like Faraday's). 
What led Balmer to his relation for spectra? 





199.3Rutherford's nuclear model of the atom. A new basis for 
atomic models. was provided during the period 1909 to 1911 
by Ernest Rutherford (1871-1937), a New Zealander who had 
already shown a rare ability as an experimentalist at McGill 
University, Montreal, Canada. He had been invited in 1907 
to Manchester University in England, where he headed a pro- 
ductive research laboratory. Rutherford was specially SG 19.5 
interested in the rays emitted by radioactive substances, 
in particular in a (alpha) rays. As we shall see in Chapter 
20, a rays consist of positively charged particles. These 
particles are positively charged helium atoms with masses 
about 7500 times larger than the electron mass. Some radio- 
active substances emit a particles at a great enough rate 


and with enough energy so that the particles can be used as 


= i 
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projectiles to bombard samples of elements. The experiments 
that Rutherford and his colleagues did with a particles are 
an example of a highly important kind of experiment in atomic 
and nuclear physics—the scattering experiment. 


In a scattering experiment, a narrow, parallel beam of 
projectiles or bullets (a particles, electrons, x rays) is 
aimed at a target that is usually a very thin foil or film 
of some material. As the beam strikes the target, some of 
the projectiles are deflected, or scattered, from their 
original direction. The scattering is the result of the 
interaction between the particles or rays in the beam and 
the atoms of the material. A careful study of the projec- 
tiles after they have been scattered can yield information 
about the projectiles, the atoms, or both—or the interaction 
between them. Thus if we know the mass, energy and direction 
of the projectiles, and see what happens to them in a scatter- 
ing experiment, we can deduce properties of the atoms that 
scattered the projectiles. 


Rutherford noticed that when a beam of a particles passed 
through a thin metal foil, the beam spread out. He thought 
that some of the particles were scattered out of the beam by 
colliding with atoms in the foil. The scattering of a par- 
ticles can be described in terms of the electrostatic forces 
between the positively charged a particles and the charges 
that make up atoms. Since atoms contain both positive and 
negative charges, an a particle is subjected to both repul- 
sive and attractive forces as it passes through matter. The 
Magnitude and direction of these forces depend on how near 
the particle happens to approach to the centers of the atoms 
past which it moves. When a particular atomic model is pos- 
tulated, the extent of the scattering can be calculated quan- 
titatively and compared with experiment. In the case of the 
Thomson atom, calculation showed that the probability that 
an a particle would be scattered through an angle of more 


than a few degrees is negligibly small. 


One of Rutherford's assistants, H. Geiger, found that 

the number of particles scattered through large angles, 10° 
or more, was much greater than the number predicted on the 
basis of the Thomson model. In fact, one out of about every 
8000 a particles was scattered through an angle greater than 
90°. This result meant that a significant number of oa parti- 
cles bounced back from the foil. This result was unexpected. 
Some years later, Rutherford wrote: 





Ernest Rutherford was born, grew 
up, and received most of his ed- 
ucation in New Zealand. At age 
24 he went to Cambridge, England 
to work at the Cavendish Labora- 
tory under J.J. Thomson. From 
there he went to McGill Univer- 
sity in Canada, then home to be 
married and back to England a- 
gain, now to Manchester Univer- 
sity. At these universities, 
and later at the Cavendish Lab- 
oratory where he succeeded J.J. 
Thomson as director, Rutherford 
performed important experiments 
on radioactivity, the nuclear 
nature of the atom, and the 
structure of the nucleus. Ruth- 
erford int1oduced the names 
"alpha," "beta" and "gamma" 
rays, "protons," and "half- 
life.'"' For his scientific 


work, Rutherford was knighted 
and received a Nobel Prize. 





In the photograph above, Ruther- 
ford holds the apparatus in which 
he arranged for @ particles to 
bombard nitrogen nuclei—not to 
study scattering, but to detect 
actual disintegration of the ni- 
trogen nuclei! (See Sect. 23.3 
in Unit 6 Text.) 
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| ...L had observed the scattering of a-particles, and 
Dr. Geiger in my laboratory had examined it in detail. 
He found, in thin pieces of heavy metal, that the 
scattering was usually small, of the order of one 
degree. One day Geiger came to me and said, "Don't 
you think that young Marsden, whom I am training in 
radioactive methods, ought to begin a small research?" 
Now I had thought that, too, so I said, "Why not let 


Years later, in 1938, an English him see if any a-particles can be scattered through 
physicist, C. G. Darwin, wrote, a large angle?" I may tell you in confidence that I 
"T count it as one of the great did not believe that they would be, since we knew 
occurrences of my life that I was that the a-particle was a very fast, massive particle, 
actually present half-an-hour with a great deal of [kinetic] energy, and you could 
after the nucleus was born. show that if the scattering was due to the accumulated 
"It was a Sunday supper at his effect of a number of small scatterings, the chance 

[Rutherford's] Manchester house of an a-particle's being scattered backward was very 
and I remember his saying to us, small. Then I remember two or three days later 
I would think before supper it- Geiger coming to me in great excitement and saying, 
self, that he had been looking “We have been able to get some of the a-particles 

| into the business of big scat- coming backward..." It was quite the most incredible 

tering of a particles, and that event that has ever happened to me in my life. It 

there must be enormous forces was almost as incredible as if you fired a 15-inch 

in the atom to do it. Then he shell at a piece of tissue paper and it came back 

. said that it would require a and hit you. On consideration, I realized that this 
charge of something like a hun- scattering backward must be the result of a single 

dred electrons in the case of the collision, and when I made calculations I saw that 

"ty gold atom, but that may have been it was impossible to get anything of that order of 

| added a few days later." magnitude unless you took a system in which the 

. greater part of the mass of the atom was concentrated 

in a minute nucleus. It was then that I had the idea 

of an atom with a minute massive centre, carrying a 

charge. 


These experiments and Rutherford's idea marked the origin 


of the modern concept of the nuclear atom. Let us look at 


the experiments more closely to see why Rutherford concluded 


that the atom must have its mass and positive charge concen- 


trated at the center, thus forming a nucleus about which the 





electrons are clustered. 





A possible explanation of the observed scattering is that 


there exist in the foil concentrations of mass and charge— 


3G 19.6 atoms. An a particle heading directly toward one of them is 
stopped and turned back, as a ball would bounce back from a 


rock but not from a cloud of dust particles. Figure 19.6 is 


3G 19.5 positively charged nuclei—much more dense than Thomson's 
| 
| 


based on one of Rutherford's diagrams in his paper of 191l, 
which may be said to have laid the foundation for the modern 
theory of atomic structure. It shows two a particles A and 


A'. The a particle A is heading directly toward a nucleus N. 





Because of the electrical repulsive force between the two, 


A is slowed to a stop at some distance r from N, and then 





moves directly back. A' is another a particle that is not 


Fig. 19.6 Paths of two a par- headed directly toward the nucleus N; it swerves away from 


ticles A and A' approaching a N . ; : 
along a path which calculation sh d s z 
nucleus N. (Based on Rutherford, J E bisa owed must be an hyperbola 


Philosophical Magazine, vol. 21 The. deflection of A‘ from =its*original path is indicateqsc, 
(GIG HaD) Pp- 669.) the angle >. 
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19.4Nuclear charge and size. 


19.3 
Rutherford considered the effects of important factors on 


the a particles—their initial speed Vis the foil thickness 
t, and the quantity of charge Q on each nucleus. According 
to the theory most of the a particles should be scattered 
through small angles, but a significant number should be 


scattered through large angles. 


Geiger and Marsden undertook tests of these predictions 
with the apparatus shown schematically in Fig. 19.8. The 
lead box B contains a radioactive substance (radon) which 
emits a particles. The particles emerging from the small 
hole in the box are deflected through various angles 4 in 
passing through the thin metal foil F. The number of parti- 
cles deflected through each angle ¢ is found by letting the 
particles strike a small zinc sulfide screen S. Each a par- 
ticle that strikes the screen produces a scintillation (a 
momentary pinpoint of fluorescence). These scintillations 
can be observed and counted by looking through the micro- 
scope M; S and M can be moved together along the arc of a 
circle up to ¢ = 150°. In later experiments, the number of 
a particles at any angle ¢ was counted more conveniently by 
replacing S and M by a counter (Fig. 
The Geiger counter, in its more recent versions, is now a 


standard laboratory item. 


Geiger and Marsden found that the number of a particles 
counted depended on the scattering angle, the speed of the 
particles, and on the thickness of the foil of scattering 


material in just the ways that Rutherford had predicted. 


acpeessmtoreN 2h 


QO? Why should © particles be scattered by atoms? 


O08 What was the basic difference between the Rutherford and the 
Thomson models of the atom? 


RAR HAN ES MOMS SE AC mS RIOD 


At the time Rutherford made his 
predictions about the effect of the speed of the a parti- 
cle and the thickness of foil on the angle of scattering, 
there was no way independently to measure the charge Q on 
each nucleus. However, some of Rutherford's predictions 
were confirmed by scattering experiments and,as often 
happens when part of a theory is confirmed, it is rea- 
sonable to proceed temporarily as if the whole of that 
theory were justified. Thus it was assumed that the 
scattering of a particles through a given angle is pro- 
With 


Experimental 


portional to the square of the nuclear charge. 


this relation in mind,Q could be estimated. 


19.9) invented by Geiger. 


Fig. 19.8 Scintillation method 
for verifying Rutherford's the- 
oretical predictions for a par- 
ticle scattering. The whole ap- 
paratus is placed in an evacuated 
chamber so that the a particles 
will not be slowed down by colli- 
sions with air molecules. 





Fig. 19.9 A Geiger counter (1928). 
It consists of a metal cylinder C 
containing a gas and a thin axial 
wire A that is insulated from the 
cylinder, A potential difference 
slightly less than that needed to 
produce a discharge through the 
gas is maintained between the 
wire (anode A) and cylinder 
(cathode C). When ano particle 
enters through the thin mica 
window W, it frees a few elec- 
trons from the gas molecules, 
leaving the latter positively 
charged. The electrons are 
accelerated toward the anode, 
freeing more electrons along 

the way by collisions with gas 
molecules. The avalanche of 
electrons constitutes a sudden 
surge of current which may be 
amplified to produce a click in 
the loudspeaker (L). 


a5 
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data were obtained for the scattering of different ele- 
ments. Among them were carbon, aluminum and gold. There- 
fore, on the basis of this assumption the following nu- 
clear charges were obtained: for carbon 6a, for aluminum 
Lamoe 15q,, and for gold 78 or 794,° Similar tentative 


values were found for other elements. 


The magnitude of the positive charge of the nucleus was 
an important piece of information about the atom. If the 
nucleus has a positive charge of 6 Ger L38or 1s qer etey, 
the number of electrons surrounding the nucleus must be 6 for 
carbon, 13 or 14 for aluminum, etc., since the atom as a 
whole is electrically neutral. It was soon noticed that the 
values found for the nuclear charge were close to the atomic 
number Z, the place number of the element in the periodic 
table. The data seemed to indicate that each nucleus has a 
positive charge Q numerically equal to 2Zq.. But the results 
of experiments on the scattering of a particles were not pre- 
cise enough to permit this conclusion to be made with cer- 


tainty. 


The suggestion that the number of positive charges on the 
nucleus and also the number of electrons around the nucleus 
are equal to the atomic number Z made the picture of the 
nuclear atom clearer. The hydrogen atom (Z = 1) has, in its 
neutral state, one electron outside the nucleus; a helium 
atom (Z = 2) has in its neutral state two electrons outside 
the nucleus; a uranium atom (Z = 92) has 92 electrons. This 
simple scheme was made more plausible when additional experi- 
ments showed that it was possible to produce singly ionized 
hydrogen atoms, H’, and doubly ionized helium atoms, Yeu’, 
but not Hor Ore Hews evidently because a hydrogen atom has 
only one electron to lose, and a helium atom only two. The 
concept of the nuclear atom provided new insight into the 


periodic table of the elements: it suggested that the per- 


iodic table is really a listing of the elements according to 
the number of electrons around the nucleus or according to 
the number of positive units of charge in the nucleus. 


Additional evidence for this suggestion was provided by 
research with x rays during the years 1910 to 1913. It was 
found that the elements have characteristic x-ray spectra 
as well as optical spectra. The x-ray spectra show separate 
lines against a continuous background. A young English phys- 
icist, H. G. J. Moseley (1887-1915), found that the frequen- 
cies of certain lines in the x-ray spectra of the elements 
vary in a strikingly simple way with the nuclear charge Z. 
The combination of the experimental results with the Bohr 


19.4 


theory of atomic structure made it possible to assign an H.G.J. Moseley (1887-1915) was 


accurate value to the nuclear charge of an element. As a 


Manchester. 


a co-worker with Rutherford at 
Bohr characterized 


result, Moseley established with complete certainty that the him as a man of extraordinary 


place number of an element in the periodic table is the same 


energy and gifts for purposeful 


experimentation. J.J. Thomson 


as the value of the positive charge of the nucleus (in multi- said he made one of the most 


ples of the unit electric charge) and the same as the number 


brilliant discoveries ever made 


by so young aman, At the start 


of electrons outside the nucleus. These results made it pos- of World War I he volunteered 


sible to remove some of the discrepancies in Mendeleev's per- 


for army service, was sent to 
the Dardanelles and was killed 


iodic table and to relate the table in a definite way to the during the unsuccessful attack 


Bohr theory. 


As an important result of these scattering experiments the 


at Gallipoli. 


Rutherford wrote 
that “it is a national tragedy 
that our military organization 
at the start was so inelastic 


size of the nucleus may be estimated. Suppose an oa particle as to be unable, with few ex- 


is moving directly toward a nucleus (A, Fig. 19.6). Its ki- 


ceptions, to utilize the offers 
of services for scientific men 


netic energy on approach is transformed into electrical po- except as combatants on the 


tential energy. It slows down and eventually stops. The dis- 


firing line." In his 
Moseley left all his apparatus 


will 


tance of closest approach may be computed from the original and private wealth to the Royal 


kinetic energy of the a particle and the charges of a parti- 
cle and nucleus. It turns out to be approximately 3 x 10-!4m. 
If the a particle is not to penetrate the nucleus, this dis- 
tance must be at least as great as the sum of the radii of a 
particle and nucleus; then the radius of the nucleus could 

not be larger than about 10-!"m, only about 1/1000 of the 
radius of an atom. Thus if we consider volumes, which are j 
proportional to cubes of radii, it is clear that the atom is / 
mostly empty space. This must be so to explain the ease with 
which a particles or electrons penetrate thousands of layers | 


of atoms in metal foils or in gases. 


: 


Successful as this model of the nuclear atom was in explain- \ 
ing scattering phenomena, it raised many new questions: What is 
the arrangement of electrons about the nucleus? Wnat keeps the 
negative electron from falling into a positive nucleus by elec- 
trical attraction? How is the nucleus made up? What keeps it 
from exploding on account of the repulsion of its positive charg- 
es? Rutherford realized the problems raised by these questions 
and the failure of his model to answer them. Additional assump- 
tions were needed to complete the model—to find answers to the 
additional questions posed about the details of atomic structure. 
The remainder of this chapter will deal with the theory proposed 
by Niels Bohr, a young Danish physicist who joined Rutherford's 
group just as the nuclear model was being announced. 

Q9 What is the "atomic number" of an element, according to the 

Rutherford model of the atom? 


Q10 What is the greatest electric charge an ion of lithium (the 
next heaviest element after helium) could have? 
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Wilhelm Rontgen 


Gregor Mendel 
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Thomas Alva Edison 
Sigmund Freud 


J. J. Thomson 


John Stuart Mill 


Karl Marx 
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Friedrich Nietzsche 
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@ John Keats 
Ralph Waldo Emerson 


Charles Dickens 
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Peotr Tchaikovsky 


Johannes Brahms 


@ Franz Schubert 


Music 


Alaska Purchase _ 


Alfred North Whitehead 


George Bernard Shaw 


Lindbergh's Transatlantic Flight 


Invention of Telephone 
Bombing of Hiroshima 
United Nations 
Independence of India 


Spanish-American War 
Boer War : 


Theory of Relativity 
_ World War t: 

_ Russian Revolution 

_ League of Nations— 

- World War II 
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John F. Kennedy 












“Nikolai Lenin 
Franklin D. Roosevelt 

Marie Curie 
Ernest Rutherford 
Albert Einstein ' 

Ervin Schrodinger 
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Jonas Salk 


Pope John XXIII 


Bertrand Russell 
Jean-Paul Sartre 


T. S. Eliot 


Robert Frost 





F) Ernest Hemingway 


James Joyce 
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19.5The Bohr theory: the postulates. If an atom consists of a 


positively charged nucleus surrounded by a number of nega- 
tively charged electrons, what keeps the electrons from fall- 
ing into the nucleus—from being pulled in by the Coulomb 

force of attraction? One possible answer to this question 

is that an atom may be like a planetary system with the elec- 
trons revolving in orbits about the nucleus. Instead of the 
gravitational force, the Coulomb attractive force between the 
nucleus and an electron would supply a centripetal force that 
would tend to keep the electron in an orbit. Although this 
idea seems to start us on the road to a theory of atomic struc- 
ture, a serious problem arises concerning the stability of a 
planetary atom. According to Maxwell's theory of electromag- 
netism, a charged particle radiates energy when it is accel- 
erated. Now, an electron moving in an orbit around a nucleus 
is constantly being accelerated by the centripetal force mv?/r. 
The electron, therefore, should lose energy by emitting radia- 
tion. A detailed analysis of the motion of the electron (which 
we can't do here because of the mathematical difficulty) shows 
that the electron should be drawn closer to the nucleus. With- 
in a very short time, the electron should actually be pulled 
into the nucleus. According to classical physics—mechanics 
and electromagnetics—a planetary atom would not be stable 


for more than a small fraction of a second. 


The idea of a planetary atom was sufficiently attractive 
that physicists continued to look for a theory that would 
include a stable planetary structure and predict discrete 
line spectra for the elements. Bohr succeeded in construct- 
ing such a theory in 1913. This theory, although it had to 
be radically modified later, showed how to attack atomic pro- 
blems by using quantum theory. In fact, Bohr showed that 
only by using quantum theory would the problem of atomic 
structure be attacked with any hope of success. Bohr used 
the quantum ideas of Planck and Einstein that electromagnetic 
energy is absorbed or emitted as discrete quanta; and that 
each quantum has a magnitude equal to Planck's constant h 


multiplied by the frequency of the radiation. 


Bohr introduced two postulates designed to account for 
the existence of stable electron orbits and of the discrete 


emission spectra. These postulates may be stated as follows. 


(1) An atomic system possesses a number of states in which 
no emission of radiation takes place, even if the particles 
(electrons and nucleus) are in motion relative to each other. 


These states are called stationary states of the atom. 


i 


= > 3 
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(2) Any emission or absorption of radiation, either as 
visible light or other electromagnetic radiation, will cor- 
respond to a transition between two stationary states. The 
radiation emitted or absorbed in a transition has a frequency 
f determined by the relation 


hf = FE; -E, , 


where h is Planck's constant and E; and E, are the energies 


of the atom in the initial and final stationary states, re- 


spectively. 


These postulates are a combination of some ideas taken 
over from classical physics together with others in direct 
contradiction to classical physics. For example, Bohr as- 
sumed that when an atom is in one of its stationary states, 
the motions of the electrons are in accord with the laws of 
mechanics. A stationary state may be characterized by its 
energy, or by the orbits of the electrons. Thus, in the 
simple case of the hydrogen atom, with a single electron re- 
volving about the nucleus, a stationary state corresponds to 
the electron moving in a particular orbit and having a cer- 
tain energy. Bohr avoided the difficulty of the electron 
emitting radiation while moving in its orbit by postulating 
that it does not emit radiation when it is in a particular 
orbit. This postulate implies that classical, Maxwellian 
electromagnetics does not apply to the motion of electrons 
in atoms. The emission of radiation was to be associated 
with a jump from a state with one energy (or orbit) to 
another state with a different energy (or orbit). Bohr did 
not attempt to explain why the atom should be stable ina 


given stationary state. 


The first postulate has in view the general stability of 
the atom, while the second has (chiefly) in view the exist- 
ence of spectra with sharp lines. The use of quantum theory 
enters in the second postulate, and is expressed in the 
equation hf = E,-E,- Bohr also used the quantum concept in 
defining the stationary states of the atom. The states are 
highly important in atomic theory so we shall look at their 
definition carefully. For simplicity we consider the hydrogen 
atom, with a single electron revolving around the nucleus. 
The positive charge of the nucleus is given by 24, with Z=1. 
We also assume, following Bohr, that the possible orbits of 
the electron are circles. The condition that the centripetal 
force is equal to the attractive Coulomb force is: 








19.5 
In this formula, m is the mass of the electron; v is the speed; 


r is the radius of the circular orbit, that is, the distance 
of the electron from the nucleus; the nucleus is assumed to be 
stationary. The symbol k stands for a constant which depends 
on the units used; i is the magnitude of the electronic 


charge. 


The values of r and v which satisfy the centripetal force 
equation characterize the possible electron orbits. We can 
write the equation in a slightly different form by multiplying 

: 2 whe ett 
both sides by r and dividing both sides by v; the result is: 
2 
Zoe 


mvr = k 
Vv 


The quantity on the left side of this equation, which is the 
product of the momentum of the electron and the radius of 
the orbit, can also be used to characterize the orbits. 

This quantity is often used in problems of circular motion, 


and it is called the angular momentum: 
angular momentum = mvr. 


According to classical mechanics, the radius of the orbit 
could have any value and the angular momentum could also 

have any value. But we have seen that under classical me- 
chanics there would be no stable orbits in the hydrogen atom. 
Since Bohr's first postulate implies that only certain orbits 
are permitted, Bohr needed a rule for which orbits were pos- 
sible. The criterion he chose was that only those orbits are 
permitted for which the angular momenta have certain dis- 


crete values. These values are defined by the relation: 


|p 


RVG. — sid r 


bo 


T 


where h is Planck's constant, and n is a positive integer; 
Crepes ene) 12, 3,44, .---.. When the possible values of 
the angular momentum are restricted in this way, the angular 
momentum is said to be quantized. The integer n which ap- 
pears in the formula, is called the quantum number. For each 


value of n there is a stationary state. 


With his two postulates and his choice of the permitted 
stationary states, Bohr was able to calculate additional 
properties of the stationary states: the radius of each 
permitted orbit, the speed of the electron in the orbits, 
and the total energy of the electron in the orbit; this 


energy is the energy of the stationary state. 


The results that Bohr obtained may be summarized in three 
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1901 


1902 


1903 


1904 


1905 


1906 


1907 


1908 


1909 


1910 


1911 


1912 


1913 


1914 


1915 


1916 
1917 


1918 


1919 


1920 


1921 


1922 


1923 


1924 


1925 


1926 


1927 


1928 


1929 


1930 


1931 


1932 


1933 


1934 


1935 


1936 


Wilhelm Rontgen (Ger)—discovery of 
x-rays. 


H. A. Lorentz and P. Zeeman (Neth)— 
influence of magnetism on radiation. 


A. H. Becquerel (Fr)—<discovery of 
spontaneous radioactivity. Pierre and 
Marie Curie (Fr)—work on rays. first 
discovered by Becquerel,. 


Lord Rayleigh (Gr Brit)—density of gases 
and discovery of argon. 


Philipp Lenard (Ger)_-work on cathode 
rays. 


J. J. Thomson (Gr Brit)—-conduction of 
electricity by gases. 


Albert A. Michelson (US)—optical 
precision instruments and spectroscopic 
and metrological investigations, 


Gabriel Lippmann (Fr)—color photography 
by interference. 


Guglielmo Marconi (Ital)_-and Ferdinand 
Braun (Ger)—development of wireless 
telegraphy. . 


Johannes van der Waals (Neth)—-equation 
of state for gases and liquids. 


Wilhelm Wien (Ger)—laws governing the 
radiation of heat. 


Nils Gustaf Dalen (Swed)_automatic gas 
regulators for lighthouses and buoys, 


Kamerlingh Onnes (Neth) —low temperature 
and production of liquid helium, 


Max von Laue (Ger)—diffraction of 
Rontgen rays by crystals. 


W. H. and W. L. Bragg (Gr Brit)_analysis 
of crystal structure by Réntgen rays. 


No award. 


Charles Glover Barkla (Gr Brit)—discovery 
of Rontgen radiation of the elements. 


Max Planck (Ger)_-discovery of energy 
quanta, 


Johannes Stark (Ger)—<discovery of the 
Doppler effect in canal rays and the 
splitting of spectral lines in electric 
fields. 


Charles-Edouard Guillaume (Switz)—dis- 
covery of anomalies in nickel steel alloys. 


Albert Einstein (Ger)—for services in 
theoretical physics and especially for 
his discovery of the law of the photo- 
electric effect. 


Niels Bohr (Den)—-atomic structure and 
radiation, 


Robert Andrews Millikan (US)—elementary 
charge of electricity and photoelectric 
effect. 


Karl Siegbahn (Swed)—-field of x-ray 
spectroscopy. 


James Franck and Gustav Hertz (Ger)_ 
laws governing the impact of an electron 
upon an atom, 


Jean Baptiste Perrin (Fr)—discontinuous 
structure of matter and especially for 
his discovery of sedimentation equilibrium. 


Arthur Compton (US)—discovery of effect 
named after him. C. T. R. Wilson (Gr Brit) 
—method of making paths of electrically 
charged particles visible by condensation 
of vapor. 


Owen Williams Richardson (Gr Brit)— 


thermionic phenomena and discovery of 
effect named after him. 


Louis-Victor de Broglie (Fr)—discovery 
of wave nature of electrons. 


Sir Chandrasehara V, Raman (Ind)__scat- 
tering of light and effect named after him. 


No award. 


Werner Heisenberg (Ger)—quantum mechanics 
leading to discovery of allotropic forms 
of hydrogen, 


Erwin Schrodinger (Ger) and P, A. M, Dirac 
(Gr Brit)—mew productive forms of atomic 
theory. 

No award. 


James Chadwick (Gr Brit)—<discovery of 
the neutron, 


Victor Franz Hess (Aus)—-cosmic radiation. 
Carl David Anderson (US)_discovery of 
the positron, 


Nobel Prize winners in Physics. 
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19.5 


simple formulas. The radius of an orbit with quantum number 


n is given by the expression: 


where r,; is the radius of the first orbit (the orbit for 


n = 1), and has the value 5.29 x 107? cm or'5.29 x 10°") m. 
The speed of the electron in the orbit with quantum number 
9 
wh 
Van = me sic 
n 
where v, is the speed of the electron in the first orbit, and 


has the value 2.2 x 108 cm/sec or 2.2 x 10° m/sec. 


The energy of the electron in the orbit with quantum number 


nis: 


where E, is the energy of the electron in the first orbit, and 
has the value -13.6 electron volts or -21.76 x 107-19 joule. 


It may seem strange to you that the energy is written with a 
negative value. Recall that, since it is only changes in energy 
that can be measured, the zero level for energy can be defined 
in any way that is convenient. It is customary to define the 
potential energy of an electron in the field of a nucleus so 


that it is zero at a very large (or infinite) distance from the 





nucleus. An energy of zero implies, then, that the electron is 


just free from the nucleus. Positive values of energy imply that | 
the electron is free of the nucleus and has kinetic energy besides 
Negative values of energy imply that the electron is bound to the 
atom; the more negative, the less the total energy. The lowest 
energy possible for an electron in a hydrogen atom is -13.6 eV, 


for which n= 1. This is called the "ground" state. 


According to the formula for roe the first Bohr orbit has 
the smallest radius, with n = 1. Higher values of n corre- 
Although the higher 


orbits are spaced increasingly far apart, the force field of 


spond to orbits that have larger radii. 


the nucleus falls off rapidly, so the work required to move out 
to the next orbit actually becomes smaller. Therefore the jumps 
from one energy level to the next become smaller and smaller at 


higher energies. 


he 











O11 What was the main evidence that an atom could exist only in 
certain energy states? 


O12 What reason did Bohr give for the atom existing only in 
certain energy states? 


ELH ERT RASTER SALT RETIN T EE I BEE NSN EU ORATOR SE ILLS RE ASE MAN SRI ERROR SATO ENR IRENE ER 








The Nobel Prize 


Alfred Bernhard Nobel (1833- 
1896), a Swedish chemist, was 
the inventor of dynamite. As 

a result of his studies of ex- 
plosives, Nobel found that when 
nitroglycerine (an extremely 
unstable chemical) was absorbed 
in an inert substance it could 
be used safely as an explosive. 
This combination is dynamite. 
He also invented other explo- 
sives (blasting gelatin and 
ballistite) and detonators. 
Nobel was primarily interested 
in the peaceful uses of explo- 
sives, such as mining, road 
building and tunnel blasting, 
and he amassed a large fortune 
from the manufacture of explo- 
sives for these applications. 
Nobel abhorred war and was 
conscience-stricken by the mili- 
tary uses to which his explosives 


OP HOWELLER: 
MALY. 





were put. At his death, he left 
a fund of some $315 million to 
honor important accomplishments 
in science, literature and in- 
ternational understanding. 
Prizes were established to be 
awarded each year to persons 
who have made notable contribu- 
tions in the fields of physics, 
chemistry, medicine or physi- 
ology, literature and peace. 
The first Nobel Prizes were 
awarded in 1901. Since then, 
men and women from about 30 
countries have received prizes. 
The Nobel Prize is generally 
considered the most prestigious 
prize in science. 


‘, 
1 
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1937 


1938 


1939 


1940 
1941 
1942 
1943 


1944 


1945 


1946 
1947 


1948 


1949 


1950 


1951 


1952 


1953 


1954 


1955 


1956 


1957 


1958 


1959 


1960 


1961 


1962 


1963 


1964 


1965 


1966 


1967 


Nobel Prize winners in Physics. 


Clinton J, Davisson (US)_and George P. 
Thomson (Gr Brit)—-experimental diffraction 
of electrons by crystals. 


Enrico Fermi (Ital)—-new radioactive 
elements produced by neutron irradiation 
and nuclear reactions by slow neutrons, 


Ernest 0, Lawrence (US)—cyclotron and 
its use in regard to artificial radio- 
active elements. 


No award 
No award 
No award 


Otto Stern (Ger)—molecular ray method 
and magnetic moment of the proton, 


Isidor Isaac Rabi (US)_-resonance method 
for magnetic properties of atomic nuclei, 


Wolfgang Pauli (Aus)—exclusion or Pauli 
principle. 


P, W. Bridgman (US)—high pressure physics. 


Sir Edward V. Appleton (Gr Brit)—physics 
of the upper atmosphere and discovery of 
so-called Appleton layers. 


Patrick M, S, Blackett, (Gr Brit)—-develop- 
ment of Wilson cloud chamber and dis- 
coveries in nuclear physics and cosmic 
rays. 


Hideki Yukawa (Japan)—prediction of mesons 
and theory of nuclear forces. 


Cecil Frank Powell (Gr Brit)—photographic 
method of studying nuclear processes and 
discoveries regarding mesons, 


Sir John D, Cockcroft and Ernest T. S. 
Walton (Gr Brit)—transmutation of atomic 
nuclei by artificially accelerated atomic 
particles. 


Felix Bloch (Switz) and Edward M, Purcell 
(US)—nuclear magnetic precision measure- 
ments. 


Frits Zernike (Neth)—phase-contrast 
microscope, 


Max Born (Ger)—statistical interpretation 
of wave functions,and Walter Bothe (Ger)— 
coincidence method for nuclear reactions 
and cosmic rays. 


Willis E. Lamb (US)—fine structure of 
hydrogen spectrum,and Polykarp Kusch (US)— 
precision determinations of magnetic 

moment of electron, 


William Shockley, John Bardeen and Walter 
Houser Brattain (US)—researches on semi- 
conductors and their discovery of the 
transistor effects. 


Chen Ning Yang and Tsung Dao Lee (Chin)— 
investigation of laws of parity, leading 
to discoveries regarding the elementary 
particles. 


Pavel A. Cerenkov, Il'ya M. Frank and 
Igor E. Tamm (USSR)—discovery and inter- 
pretation of the Cerenkov effect, 


Emilio G. Segre and Owen Chamberlain (US)— 
discovery of the antiproton. 


Donald A. Glaser (US)—invention of 
bubble chamber. 


Robert Hofstadter (US)—electron scattering 
in atomic nuclei. Rudolf Ludwig Méssbauer 
(Ger)—tresonance absorption of y-radiation 
and discovery of effect which bears his 
name. 


Lev D. Landau (USSR)—theories for con- 
densed matter, especially liquid helium. 


Eugene P. Wigner (US)—theory of the atomic 
nucleus and elementary particles. Marie 
Goeppert-Mayer (US) and J. Hans D. Jensen 
(Ger)—nuclear shell structure. 


Charles Townes (US), Alexander Prokhorov 
and Nikolay Basov (USSR)—development of 
maser, 


S. Tomonaga (Japan), Julian Schwinger and 
Richard Feynman (US)—quantum electro- 
dynamics and elementary particles. 


Alfred Kastler (Fr)—mnew optical methods 
for studying properties of atom, 


Hans Bethe (US)—nuclear physics and 
theory of energy production in the sun, 
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19.6 The Bohr theory: the spectral series of hydrogen. 


Bohr could 

now use his model to derive the Balmer formula by applying his 

second postulate: the radiation emitted or absorbed in a 

transition has a frequency f determined by the relation 
hf = E, - E,- 

Le Ne 

quantum number of the initial state, then according to the 


is the quantum number of the final state and nj is the 


En formula we have 


Ej Ey 
Er = — and E. = —. 
2 a 2 
n ny 
£ 


The frequency of radiation emitted or absorbed when the atom 
goes from the initial state to the final state is therefore 
determined by the equation 


Ej Ej 
hf : 


Balmer's original formula (p. 70) was written in terms of 
wavelength instead of frequency. The relation between fre- 
quency and wavelength was given in Unit 4: the frequency is 


equal to the speed of the wave divided by its wavelength, 


If we substitute c/d for f in the equation above, and then 
divide both sides by the constant he (Planck's constant times 


the speed of light), we obtain the equation: 


Bd Tg eR is | 


aT Rs CF 9S | 1 
X 
oor a 


According to Bohr's model, then, this equation gives the 
wavelength i of the radiation that will be emitted or ab- 
sorbed when the state of a hydrogen atom changes from n; to 
How does this formula compare with Balmer's formula? 


n 
£° 
The Balmer formula was given on page 70: 


AE oa Be 


H 22 “ue 


i 


cw 
5 =R 


We see at once that the equation derived from the Bohr 


model is exactly the same as Balmer's formula if: 


nN. = 2 and R.=-—. 





All the lines in the Balmer series simply correspond 











to transitions from various initial states (var- 
ious values of n;) to the same final state, 
Np = 2. Similarly, lines of the Lyman se- 
ries correspond to transitions from var- 


ious initial states to the final state 





Lyman series: 


ne = 1; the lines of the Paschen series 
(ultraviolet) 












correspond to transitions from various 
initial states to the final state 

ne = BymeCeCemUsee Table 19).2). The 
general scheme of possible transi- 
tions is shown in Fig. 19.10. 


The Bohr formula, for hydrogen, 
agrees exactly with the Balmer formula 
as far as the dependence on the numbers 
Ne and n; is concerned. But this is not 
surprising, since Bohr constructed his the- 
ory in such a way as to match the known ex- 
perimental results. Any theory which involved 


stationary states whose energy is inversely propor- 


tional to the square of a quantum number n would do as Fig. 19.10 Possible 
well as this. Of course any such theory would have to rely in transitions of an 

F : ; ; ‘ electron in the Bohr 
some way on the idea that radiation is quantized and that the model of the hydrogen 
electron has stationary states in the atom. Not only did atom. 


Bohr's model lead to correct dependence on Ne and ns, but 

more remarkably, the value of the constant came out right. SG 19.11 
The Rydberg constant Ry which had previously been just 

an experimentally determined constant, was now shown to 

depend on the mass and charge of the electron, on Planck's 


constant and on the speed of light. 


When the Bohr theory was proposed, in 1913, only the 
Balmer and Paschen series for hydrogen were known. The 
theory suggested that additional series should exist. The 
experimental search for these series yielded the Lyman series 
in the ultraviolet portion of the spectrum (1916), the Brack- 
ett series (1922), and the Pfund series (1924). In each se- 
ries the measured frequencies of the lines were found to be 
those predicted by the theory. Thus, the theory not only 
correlated known information about the spectrum of hydrogen, 
but also predicted hitherto unknown series of lines in the 


spectrum. 


The scheme shown in Fig. 19.10 is useful, but it also 
has the danger of being too specific. For instance, it 


leads us to visualize the emission of radiation in terms of 
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19.6 


"jumps" of electrons between orbits. But we cannot actually 
detect an electron moving in an orbit, nor can we see an 

electron "jump" from one orbit to another. A second way of 
presenting the results of Bohr's theory was suggested, which 
yields the same facts but does not commit us too closely to 


a picture of orbits. This new scheme is shown 



















1 series 


Paschen series 


in. Fig. 419 si2e 


possible energy states, which are all given by 


the formula, En = a. Ey. 


n 


It focusses attention on the 


In terms of this mathe- 








Balmer 
series 


A= 912A 





Fig. 19.11 Energy-level dia- 
gram for the hydrogen atom. 


The energy units are 10719 joules. 


James Franck (1882-1946) and 
Gustav Hertz (1887- ) won a 
Nobel Prize for their work in 
1925. In the 1930's they both 
were dismissed from their uni- 
versity posts because they 

were of Jewish descent. Franck 
fled to the United States and 
worked on the atomic bomb dur- 
ing World War II. He tried to 
have the bomb's power demon- 
strated before an international 
group in a test instead of in 
the destruction of Japanese 
cities. Hertz chose to remain 
in Germany. He survived in 

one of the concentration camps 
that were liberated by Russian 
forces in 1945. 
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matical model, the atom is normally unexcited, 
its energy then being E,;, or -22 x 107!9 joules. 
Absorption of energy can place the atoms in an 
excited state, with a larger energy. The excited 
atom is then ready to emit light with a consequent 
reduction in energy. But the energy absorbed or 
emitted must always shift the energy of the atom 
to one of the values specified by the En formula. 
We may thus, if we wish, represent the hydrogen 
atom by means of the energy-level diagram shown 


on the left. 








O13 Balmer had predicted accurately the other spectral series in 
hydrogen thirty years before Bohr did. Why is Bohr's prediction 
considered more important? 
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19.7Stationary states of atoms: the Franck-Hertz experiment. 


The success of the Bohr theory in accounting for the spectrum 
of hydrogen raised the question: can experiments show directly 
that atoms have only certain discrete energy states? In other 
words, are there really gaps between the energies that an atom 
can have? A famous experiment in 1914, by the German Physi-- 
cists James Frank and Gustav Hertz,showed the existence of 


these discrete energy states. 


Franck and Hertz bombarded atoms with electrons (from an 
electron gun) and were able to measure the energy lost by 
electrons in collisions with atoms. They could also deter- 
mine the energy gained by atoms in these collisions. Their 
work was very ingenious, but it is too complex to describe 
We shall therefore 


give here a somewhat oversimplified account of their experi- 


and interpret in detail in this course. 


ments. 


In their first experiment, Franck and Hertz bombarded mer- 
cury atoms in mercury vapor contained in a chamber at very 
low pressure. Their experimental procedure was equivalent 


to measuring the kinetic energy of electrons leaving the 





19.7 
electron gun and the kinetic energy of electrons that had 


passed through the mercury vapor. The only way electrons 
could lose energy was in collisions with mercury atoms. 
Franck and Hertz found that when the kinetic energy of the 
electrons leaving the electron gun was very small, for ex- 
ample, about 1 eV, the electrons that passed through the 
mercury vapor had almost exactly the same energy as they 

had on leaving the gun. This result could be explained in 
the following way. A mercury atom is several hundred thou- 
sand times more massive than an electron. At low electron 
energies the electron just bounces off a mercury atom, much 
as a golf ball thrown at a bowling ball would bounce off it. 
A collision of this kind is called an "elastic" collision. 
In an elastic collision, the mercury atom (bowling ball) 
takes up only an extremely small part of the kinetic energy 
of the electron (golf ball). The electron loses practically 
none of its kinetic energy. 





When the energy of the bombarding electrons was raised MeRcuRY ATOM 
to 5 eV, there was a dramatic change in the experimental 
results. An electron that collided with a mercury atom 

lost almost exactly 4.9 electron-volts of energy. When the 
electron energy was increased to about 6 electron-volts, an 
electron still lost 4.9 electron-volts of energy in a colli- 
sion with a mercury atom. The electron had just 1.1 eV of 
energy after passing through the mercury vapor. These re- 
sults indicated that a mercury atom cannot accept less than 
4.9 eV of energy; and that when it is offered somewhat more, 
for example, 5 or 6 eV, it still can accept only 4.9 eV. 
This energy cannot go into kinetic energy of the mercury 
atom because of the relatively enormous mass of the atom as 
compared with that of an electron. Hence, Franck and Hertz 
concluded that the 4.9 eV of energy is added to the internal 
energy of the mercury atom—that the mercury atom has a per- 
mitted or stationary state with energy 4.9 eV greater than 
that of the lowest energy state. They also concluded that 


there is no state with an energy in between. 


What happens to this 4.9 eV of additional internal energy? 
According to the Bohr theory, if the mercury atom has a state 
with energy 4.9 eV greater than that of the lowest state, 
this amount of energy should be emitted in the form of elec- 
tromagnetic radiation when the atom returns to its lowest 
state. Franck and Hertz looked for this radiation with a 
spectroscope, and found it. They observed a spectrum line 


at a wavelength of 2535 A, a line that was known in the emis- 





sion spectrum of mercury. The wavelength corresponds to a 


frequency f that is equivalent to an energy, hf, of 4.9 eV. 
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19.7 
This result showed that the mercury atoms had indeed gained 


4.9 eV of energy in their collisions with the electrons. 


Later experiments showed that mercury atoms could also 
gain other, sharply defined amounts of energy when bom- 
barded with electrons, for example, 6.7 eV and 10.4 eV. 

In each case radiation was emitted that corresponded to 
lines in the spectrum of mercury. Experiments have also 
been made on many other elements besides mercury; in each 
case analogous results were obtained. The electrons always 
lost energy, and the atoms* always gained energy in sharply 
defined amounts. Each type of atom studied was found to 
have discrete energy states. The amounts of energy gained 
by the atoms in collisions with electrons could always be 
correlated with spectrum lines. The existence of discrete 
"permitted" or "stationary" states of atoms predicted by the 
Bohr theory of atomic spectra was thus verified by direct 
experiment. This verification was considered to provide 


strong confirmation of the validity of the Bohr theory. 





Q14 How much kinetic energy will an electron have after a colli- 
sion with a mercury atom if its kinetic energy before collision 
is (a) 4.0 eV? (b) 5.0 eV? (c) 7.0 eV? 


RT MET 





19.8The periodic table of the elements. In the Rutherford-Bohr 
model, the atoms of the different elements differ in the 
charge and mass of the nucleus, and in the number and ar- 
rangement of the electrons about the nucleus. As for the 
arrangement of the electrons, Bohr came to picture the elec- 
tronic orbits as on the next page, though not as a series of 
concentric rings in one plane but as tracing out patterns 
in three dimensions. For example, the orbits of the two | 
electrons of He in the normal state are indicated as cir- 
cles in planes inclined at about 60° with respect to each 
other. In addition to circular orbits, elliptical ones 
with the nucleus at one focus are also possible. 


Bohr found a way of correlating his model with the peri- 
odic table of the elements and the periodic law. He sug- 
gested that the chemical and physical properties of an 
element depend on how the electrons are arranged around 
the nucleus. He also indicated how this might come about. 
He regarded the electrons in an atom as grouped into shells. 
Each shell can contain not more than a certain number of 
electrons. The chemical properties are related to how near- 
ly full or empty a shell is. For example, full shells are 
associated with chemical stability, and in the inert gases 


the electron shells are completely filled. 





19.8 


To relate the Bohr model of atoms with their chemical 
: The sketches below are based 
properties we may begin with the observation that the ele- on diagrams Bohr used in his 


ments hydrogen (Z = 1) and lithium (Z = 3) are somewhat univer Si ty Sec lures. 
alike chemically. Both have valences of 1. Both enter 

into compounds of analogous types, for example hydrogen 

chloride, HCl, and lithium chloride, Licl. Furthermore, 

there are some similarities in their spectra. All this 

suggests that the lithium atom resembles the hydrogen atom 

in some important respects. Bohr conjectured that two of 


the three electrons of the lithium atom are relatively close YypRogEN CZ=1) 
to the nucleus, in orbits like those pertinent to the helium 

atom, while the third is in a circular or elliptical orbit Lp 
outside the inner system. Since this inner system consists 


of a nucleus of charge (+) 34, and two electrons each of Heriwm (Z=2) 
charge (-) der its net charge is (+) qe: Thus the lithium 
atom may be roughly pictured as having a central core of 

charge (+) Ger around which one electron revolves, somewhat 


as for a hydrogen atom. 


Helium (Z = 2) is a chemically inert element, belonging 


to the family of noble gases. So far no one has been able 





to form compounds from it. These properties indicated that 
the helium atom is highly stable, having both of its elec- RATS eens 
trons closely bound to the nucleus. It seemed sensible to 
regard both electrons as moving in the same innermost shell 
around the nucleus when the atom is unexcited. Moreover, 
because of the stability and the chemical inertness of the 
helium atom, we may reasonably assume that this shell cannot 


accommodate more than two electrons. This shell is called 





the K-shell. The single electron of hydrogen is also said 
to be in the K-shell when the atom is unexcited. For lithium, 
two electrons are in the K-shell, filling it to capacity, and 
the third electron starts a new one, called the L-shell. To 
this single outlying and loosely bound electron must be 
ascribed the strong chemical affinity of lithium for oxygen, 


chlorine and many other elements. 


Sodium (Z = 11) is the next element in the periodic table 
that has chemical properties similar to those of hydrogen 
and lithium, and this suggests that the sodium atom also is 
hydrogen-like in having a central core about which on elec- 
tron revolves. Moreover, just as lithium follows helium in 
the periodic table, so does sodium follow another noble gas, 
neon (Z = 10). For the neon atom, we may assume that Pe ohe 
its 10 electrons are in the first (K) shell, and that the 
remaining 8 electrons are in the second (L) shell. Because 
of the great chemical inertness and stability of neon, these 
8 electrons may be expected to fill the L-shell to capacity. Aecou CZ0lf) 
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These two pages will be easier 
to study if you refer to the 

table of the elements and the 
periodic table in Chapter 18. 


19.8 


For sodium, then, the eleventh electron must be in a third 
shell, which is called the M-shell. Passing on to potassium 
(Z = 19), the next alkali metal in the periodic table, we 
again have the picture of an inner core and a single elec- 
tron outside it. The core consists of a nucleus with charge 
(+) 19q,, and a Age and 8 electrons occupying the K-, L-, and 
M-shells, respectively. The 19th electron revolves around 
the core ina fourth shell, called the N-shell. The atom 

of the noble gas, argon with Z = 18 just before potassium 

in the periodic table, again represents a distribution of 
electrons in a tight and stable pattern, with 2 in the K-, 

8 in the L-, and 8 in the M-shell. 


These qualitative considerations have led us to a consist- 
ent picture of electrons in groups, or shells, around the 
nucleus. The arrangement of electrons in the noble gases 
can be taken to be particularly stable, and each time we 
encounter a new alkali metal in Group I of the periodic table, 
a new shell is started with a single electron around a core 
which resembles the pattern for the preceding noble gas. We 
may expect that this outlying electron will easily come 
loose under the attraction of neighboring atoms, and this 
corresponds with the facts. The elements lithium, sodium 
and potassium belong to the group of alkali metals. In 
compounds or in solution (as in electrolysis) they may be 
considered to be in the form of ions such as Hie Nat and 
ae each with one positive net charge (+) q,- In the atoms 
of these elements, the outer electron is relatively free to 
move about. This property has been used as the basis of a 
theory of electrical conductivity. According to this theory, 
a good conductor has many "free" electrons which can form a 
current under appropriate conditions. A poor conductor has 
relatively few "free" electrons. The alkali metals are all 
good conductors. Elements whose electron shells are filled 
are very poor conductors because they have no "free" elec- 


trons. 


Turning now to Group II of the periodic table, we would 
expect those elements that follow immediately after the 
alkali metals to have atoms with two outlying electrons. 

For example, beryllium (Z = 4) should have 2 electrons in 
the K-shell, thus filling it, and 2 in the L-shell. If the 
atoms of all these elements have two outlying electrons, 

they should be chemically similar, as indeed they are. Thus, 
calcium and magnesium, which belong to this group, should 
easily form ions such as ca‘* ana Mg**, each with two posi- 
tive charges, (+) 2q,, and this is also found to be true. 








19.8 
As a final example, consider those elements that immedi- 
ately precede the noble gases in the periodic table. For 
example, fluorine atoms (Z = 9) should have 2 electrons 
filling the K-shell but only 7 electrons in the L-shell, 
which is one less than enough to fill it. If a fluorine 
atom should capture an additional electron, it should be- 
come an ion F with one negative charge. The L-shell would 
then be filled, as it is. for neutral neon (Z =.10), and thus 
we would expect the F ion to be stable. This prediction is 
in accord with observation. Indeed, all the elements imme- 
diately preceding the inert gases in the periodic table tend 
to form stable singly charged negative ions in’ solution. In 
the solid state, we would expect these elements to be lack- 
ing in free electrons, and all of them are in fact poor con- 


ductors of electricity. 


Altogether there are seven main shells, K, L, M, ...Q, 
and further analysis shows that all but the first are divided 
into subshells. Thus’ the first shell K is one shell with- 
out substructure, the second shell L consists of two sub- 
shells, and so on. The first subshell in any shell can al- 
ways hold up to 2 electrons, the second up to 6, the third 
up) to 10, the fourth up to 14, and so: on, Electrons that 
are in different subsections of the same shell in general 
differ very little in energy as compared with electrons that 
are in different shells. For all 
the elements up to and including 
argon (Z = 18), the buildup of 
electrons proceeds quite simply. 
Thus the argon atom has 2 elec- Q 
trons in the K-shell, 8 in the 
L-shell, then 2 in the first M- 
subshell and 6 in the second M- O Relative energy levels 


subshell. But after argon, : of electron states in 
atoms. Each circle 


N represents a state 


outer shell before an inner one which can be occupied 
by 2 electrons. 


there may be electrons in an 


Seutolted... Thzs complicates 

the scheme somewhat but still M 
allows it to be consistent. 
The arrangement of the elec- 
trons in any unexcited atom is 
always the one that provides 
greatest stability for the 
whole atom. According to this 


model, chemical phenomena gen- 


w” 
G) 
© 
rs 


erally involve only the outer- 
most electrons of the atoms. 
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Bohr carried through a complete analysis along these lines 
and, in 1921, proposed the form of the periodic table shown 
in Fig. 19.12. This table was the result of physical theory 
and offered a fundamental physical basis for understanding 
chemistry. This was another triumph of the Bohr theory. 


Period 
VII 
87 -- 
88 Ra 
89 Ac 
90 Th 
91 Pa 
92 U 


Period Period 
1 EL 
Period ica 1L N 
I 4 Be 12 Mg 
5B 13 Al 
La SiC 14 Si 
2 He 7 N 15 P 
8 0 16 Ss 
poe oF 
10 Ne 18 A 


Fig. 19.12 Bohr's periodic table of the SN 


elements (1921). Some of the names and 
symbols have since been changed. Masurium 
(43) is now called Technetium (43) Illinium 
(61) is Promethium (61), and Niton (86) is 
Radon (86). The symbol for Samarium (62) 
is now Sm and the symbol for Thulium (69) 
is Tm. 








Q15 Why do the next heavier elements after the noble gases 
easily become positively charged? 





19.93The failure of the Bohr theory and the state of atomic theor 





in the early 1920's. In spite of the successes achieved with 
the Bohr theory in the years between 1913 and 1924, serious 
problems arose for which the theory proved inadequate. Al- 
though the Bohr theory accounted for the spectra of atoms 
with a single electron in the outermost shell, serious dis- 
crepancies between theory and experiment appeared in the 
spectra of atoms with two electrons in the outermost shell. 
Indeed the theory could not account in any satisfactory way 
for the spectra of elements whose atoms have more than one 
electron in the outermost shell. It was also found experi- 
mentally that when a sample of an element is in an electric 
or magnetic field, its emission spectrum shows additional 
lines. For example, in a magnetic field each line is split 
into several lines. The Bohr theory could not account in 

a quantitative way for the observed splitting. Further, the 
theory supplied no method for predicting the relative inten- 
sities of spectral lines. These intensities depend on the 
numbers of atoms in a sample that undergo transitions among 
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Niels Bohr (1885-1962) was born in 
Copenhagen, Denmark and was educated 
there, receiving his doctor's degree 
in physics in 1911. In 1912 he was 
at work in Rutherford's laboratory 

in Manchester, England, which was a 
center of research on radioactivity 
and atomic structure. Here he de- 
veloped his theory of atomic struc- 
ture and atomic spectra. Bohr played 
an important part in the development 
of quantum mechanics, in the advance- 
ment of nuclear physics, and in the 
study of the philosophical aspects of 
modern physics. In his later years 
he devoted much time to promoting the 
peaceful uses of atomic and nuclear 
physics. 
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See ''The Sea-Captain's Box" 


in Project Physics Reader 5. 


A. In March 1913, Bohr wrote to 
Rutherford enclosing a draft of 
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the stationary states. Physicists wanted to be able to cal- 
culate the probability of a transition from one stationary 
state to another. They could not make such calculations with 


the Bohr theory. 


By the early 1920's it had become clear that the Bohr 
theory, despite its great successes, had deficiencies and 
outright failures. It was understood that the theory would 
have to be revised, or replaced by a new one. The successes 
of the Bohr theory showed that a better theory of atomic 
structure would have to. account for the existence of sta- 
tionary states—discrete atomic levels—and would, there- 
fore, have to be based on quantum concepts. Besides the 
inability to predict certain properties at all, the Bohr 
theory had two additional shortcomings: it predicted some 
and it predicted 
Of the 


former kind were predictions about the spectra of elements 


results that disagreed with experiment; 


others that could not be tested in any known way. 


with two or three electrons in the outermost electron shells. 
Of the latter kind were predictions of the details of elec- 
tron orbits. Details of this latter type could not be ob- 
served directly, nor could they be related to any observable 
properties of atoms such as the lines in the emission spec- 
trum. Planetary theory has very different implications when 
applied to a planet revolving around the sun, and when ap- 
The precise 


plied to an electron in an atom. position of a 


his first paper on the quantum 
theory of atomic constitution. 
On March 20, 1913, Rutherford 

replied in a letter, the first 


planet is important, especially if we want to do experiments 


such as photographing the surface of the moon or of Mars 
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part of which we quote, 


"Dear Dr. Bohr: 

I have received your paper 
safely and read it with great 
interest, but I want to look 
it over again carefully when 
I have more leisure. Your 
ideas as to the mode of 
origin of spectra in hydrogen 
are very ingenious and seem 
to work out well; but the 
mixture of Planck's ideas 
with the old mechanics makes 
it very difficult to form a 
physical idea of what is the 
basis of it. There appears 
to me one grave difficulty in 
your hypothesis, which I have 
no doubt you fully realize, 
namely, how does an electron 
decide what frequency it is 
going to vibrate at when it 
passes from one stationary 
state to the other. It 
seems to me that you would 
have to assume that the elec- 
tron knows beforehand where 
it is going to stop...." 


from a satellite. But the calculation of the position of an 
electron in an orbit is neither useful nor interesting be- 
cause it has no relation to any experiment physicists have 
been able to devise. It thus became evident that, in using 
the Bohr theory, physicists were asking some questions which 


could not be answered experimentally. 


In the early 1920's, physicists began to think seriously 
about what could be wrong with the basic ideas of the theory. 
One fact that stood out was that the theory started with a 
mixture of classical and quantum ideas. An atom was assumed 
to act in accordance with the laws of classical physics up 
to the point where these laws didn't work; then the quantum 
ideas were introduced. The picture of the atom that emerged 
from this mixture was an inconsistent combination of ideas 
from classical physics and concepts for which there was no 
place in classical physics. The orbits of the electrons 
were determined by the classical, Newtonian laws of motion. 
But of the many possible orbits, only a small fraction were 


regarded as possible, and these were assigned by rules that 





19.9 
contradicted classical mechanics. It became evident that a 


better theory of atomic structure would have to have a more 
consistent foundation and that the quantum concepts would 


have to be fundamental, rather than secondary. 


The contribution of the Bohr theory may be summarized as 
follows. It provided partial answers to the questions raised 
about atomic structure in Chapters 17 and 18. Although the 
theory turned out to be inadequate it supplied clues to the 
way in which quantum concepts should be used. It indicated 
the path that a new theory would have to take. A new theory 
would have to supply the right answers that the Bohr theory 
gave and would also have to supply the right answers for 
the problems the Bohr theory couldn't solve. A successful 
theory of atomic structure has been developed and has been 
generally accepted by physicists. It is called "quantum SG 19.16 
mechanics" because it is built directly on the foundation of SG 19.17 


quantum concepts; it will be discussed in the next chapter. SG 19.18 





Q16 The Bohr model of atoms is widely given in science books. 
What is wrong with it? 
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Study Guide 


19.1 (a) Suggest experiments to show which of the Fraunhofer 
lines in the spectrum of sunlight are due to absorption in 
the sun's atmosphere rather than to absorption by gases in 
the earth's atmosphere. 


(b) How might one decide from spectroscopic observations 
whether the moon and the planets shine by their own light 
or by reflected light from the sun? 


19.2 Theoretically, how many series of lines are there in 
the emission spectrum of hydrogen? In all these series, 
how many lines are in the visible region? 


19.3 The Rydberg constant for hydrogen, Ry, has the value 
1.097 x 107/m. Calculate the wavelengths of the lines in 
the Balmer series corresponding to n= 8, n= 10, n= 12, 
Compare the values you get with the wavelengths listed in 
Table 19.1. Do you see any trend in the values? 


19.4 (a) As indicated in Fig. 19.5 the lines in one of 
hydrogen's spectral series are bunched very closely at 


one end. Does the formula ge Ry E - YL suggest 
i 


that such bunching will occur? 


(b) The series limit must correspond to the last pos- 
sible line(s) of the series. What value should be taken 
for nj in the above equation to compute the wavelength of 
the series limit? 


(c) Compute the series limit for the Lyman, Balmer and 
Paschen series of hydrogen. 


(d) Consider a photon with a wavelength corresponding 
to the series limit of the Lyman series. What energy would 
it carry? Express the answer in joules and in electron- 
volts (1 eV = 1.6 x 107? 35). 


19.5 In what ways do the Thomson and Rutherford atomic models 
agree? In what ways do they disagree? 


19.6 In 1903, the German physicist, Philipp Lenard (1864-1947), 
proposed an atomic model different from those of Thomson and 
Rutherford. He had observed that, since cathode-ray particles 
can penetrate matter, most of the atomic volume must offer 

no obstacle to their penetration. In Lenard's model there 
were no electrons and no positive charges separate from the 
electrons, His atom was made up of particles called dynamides, 
each of which was an electric doublet possessing mass. (An 
electric doublet is a combination of a positive charge and a 
negative charge very close together.) All the dynamides were 
supposed to be identical, and an atom contained as many of 
them as were needed to make up its mass. They were distribu- 
ted throughout the volume of the atom, but their radius was 

so small compared with that of the atom that most of the atom 
was actually empty. 


(a) In what ways does Lenard's model agree with those of 
Thomson and Rutherford? In what ways does it dis- 
agree with those models? 

(b) Why would you not expect a particles to be scattered 
through large angles if Lenard's model were valid? 


19.7 In a recently published book the author expresses the 
view that physicists have interpreted the results of the 
experiments on the scattering of a particles incorrectly. 
He thinks that the experiments show only that atoms are 
very small, not that they have a heavy, positively 

charged nucleus. Do you agree with his view? Why? 








19.8 Suppose that the atom and the nucleus are each spherical, 
that the diameter of the atom is of the order of 1 A (Angstrom 
unit) and that the diameter of the nucleus is of the order of 


10-12cm. What is the ratio of the diameter of the nucleus 
to that of the atom? 


19.9 The nucleus of the hydrogen atom is thought to have a 
radius of about 1.5 x 10-!3cm, If the nucleus were magnified 
to 0.1 mm (the radius of a grain of dust), how far away from 
it would the electron be in the Bohr orbit closest to it? 


19.10 In 1903 a philosopher wrote, 


The propounders of the atomic view of electricty 
[disagree with theories which] would restrict the 
method of science to the use of only such quanti- 
ties and data as can be actually seen and directly 
measured, and which condemn the introduction of 
such useful conceptions as the atom and the elec- 
tron, which cannot be directly seen and can only 
be measured by indirect processes. 


On the basis of the information now available to you, with 
which view do you agree; the view of those who think in terms 
of atoms and electrons, or the view that we must use only such 
things as can be actually seen and measured? 


19.11 How would you account for the production of the lines in 
the absorption spectrum of hydrogén by using the Bohr theory? 


19.12 Many substances emit visible radiation when illuminated 
with ultraviolet light; this phenomenon is an example of 
fluorescence. Stokes, a British physicist of the nineteenth 
century, found that in fluorescence the wavelength of the 
emitted light usually was the same or longer than the illu- 
minating light. How would you account for this phenomenon 
on the basis of the Bohr theory? 


19.13 In Query 31 of his Opticks, Newton wrote: 


All these things being consider'd, it seems 
probable to me that God in the beginning formed 
matter in solid, massy, hard, impenetrable, 
moveable particles, of such sizes and figures, 
and with such other properties, and in such propor- 
tion to space, as most conduced to the end for which 
he formed them; and that these primitive particles 
being solids, are incomparably harder than any 
porous bodies compounded of them; even so very hard, 
as never to wear or break in pieces; no ordinary 
power being able to divide what God himself made 
one in the first creation. While the particles 
continue entire, they may compose bodies of one 
and the same nature and texture in all ages: But 
should they wear away, or break in pieces, the 
nature of things depending on them would be changed. 
Water and earth, composed of old worn particles and 
fragments of particles, would not be of the same 
nature and texture now, with water and earth 
composed of entire particles in the beginning. 

And therefore, that nature may be lasting, the 
changes of corporeal things are to be placed only 
in the various separations and new associations 
and motions of these permanent particles; com- 
pound bodies being apt to break, not in the midst 
of solid particles, but where those particles 

are laid together, and only touch in a few points. 
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Compare what Newton says here about atoms with 
a) the views attributed to Leucippus and Democritus 
concerning atoms (see the prologue to this unit); 
b) Dalton's assumptions about atoms (see the end of 
the prologue to this unit); 
c) the Rutherford-Bohr model of the atom. 


19.14 Use the chart on p. 91 to explain why atoms of potassium 
(Z = 19) have electrons in the N shell even though the M shell 
isn't filled. 


19.15 Use the chart on p. 91 to predict the atomic number of 
the next inert gas after argon. That is, imagine filling the 
electron levels with pairs of electrons until you reach an 
apparently stable, or complete, pattern. 


Do the same for the next inert gas. 


19.16Make up a glossary, with definitions, of terms which 
appeared for the first time in this chapter. 


19.17 The philosopher John Locke (1632-1704) proposed a science 
of human nature which was strongly influenced by Newton's 
physics. In Locke's atomistic view, elementary ideas are 
produced by elementary sensory experiences and then drift, 
collide and interact in the mind. Thus the association of 
ideas was but a specialized case of the universal interactions 
of particles. 


Does such an "atomistic" approach to the problem of human 
nature seem reasonable to you? What argument for and against 
this sort of theory can you think of? 


19.18 In a recently published textbook of physics, the follow- 
ing statement is made: 


Arbitrary though Bohr's new postulate may seem, it 
was just one more step in the process by which the 
apparently continuous macroscopic world was being 
analyzed in terms of a discontinuous, quantized, 
microscopic world. Although the Greeks had specu- 
lated about quantized matter (atoms), it remained 
for the chemists and physicists of the nineteenth 
century to give them reality. In 1900 Planck 

found it necessary to quantize the energy of the 
atomic-sized oscillators responsible for blackbody 
radiation. In.1905 Einstein quantized the energy 

of electromagnetic waves. Also, in the early 1900's 
a series of experiments culminating in Millikan's 
oil-drop experiment conclusively showed that electric 
charge was quantized. To this list of quantized 
entities, Bohr added angular momentum. 


a) What other properties or things in physics can you 
think of that are "quantized?" 

b) What properties or things can you think of outside 
physics that might be said to be "quantized?" 








This sculpture is meant to represent the arrangement of 
sodium and chlorine ions in a crystal of common salt. 
Notice that the outermost electrons of the sodium atoms 
have been lost to the chlorine atoms, leaving sodium ions 
with completed K and L shells and chlorine ions with 
completed K, L and M shells. 
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Chapter 20 Some Ideas From Modern Physical Theories 


Section 

20.1 Some results of relativity theory 

20.2 Particle-like behavior of radiation 

20.3 Wave-like behavior of matter 

20.4 Quantum mechanics 

20.5 Quantum mechanics - the uncertainty 
principle 

20.6 Quantum mechanics - probability inter- 
pretation 


The diffraction pattern on the left was made by a beam of x rays passing 
through thin alumnium foil, The diffraction pattern on the right was made 
by a beam of electrons passing through the same foil. 
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20.1 


20.1 Some results of relativity theory. Progress in atomic 


and nuclear physics has been based on two great revolu- 
tions in physical thought: quantum theory and relativ- 
ity. In Chapters 18 and 19 we saw how quantum theory 
entered into atomic physics. The further development of 
quantum theory, quantum mechanics, will be the main sub- 
ject of this chapter. But we cannot get into quantum 
mechanics without learning something about relativity. 
Some of the results of the relativity theory are needed 
to understand certain phenomena of atomic physics which 
are basic to quantum mechanics. These results will also 
be essential to our treatment of nuclear physics in Unit 
6. We shall, therefore, devote this section to a brief 
discussion of the theory of relativity, introduced by 
Einstein in 1905—-the same year in which he published 


the theory of the photoelectric effect. 


The theory of relativity ties together ideas and ex- 
perimental information that have been touched on earlier 
in this course. One important piece of information in- 
volves the speed of light. Measurements showed a re- 
markable and surprising result: the speed of light in 
vacuum (free space) is independent of any motion of the 
source of the light or of the person making the measure- 
ment. The result is always the same, 3.0 x 108 m/sec, 
regardless of whether the measurer is stationary in his 
laboratory or is traveling at high speed; or whether the 
source of light is stationary or moving with respect to 
the observer. Although the result may appear strange, 


it has been confirmed by many independent experiments. 


Einstein combined the constancy of the speed of light 
in vacuum with a basic philosophical idea about the role 
of reference frames (discussed in Unit 1) in physical 
theory. He postulated that all reference frames that 
move with uniform velocity relative to each other are 
equivalent: no one of these frames is preferable to any 
other. This means that the laws of physics must be the 
same in all such reference frames. Another way of saying 
this is that the law of physics are invariant with respect 
to uniform motion, that is, they are not affected by uni- 
form motion. It would be very inconvenient if this were 
not the case: for example, if Newton's laws of motion did 


not hold in a train moving at constant speed relative to 


the surface of the earth. 


The combination of the idea of invariance with the con- 


stancy of the speed of light led Einstein to many remarkable 





101 


See 'Mr Tompkins and Simul- 


taneity" in Project Physics 
Reader 5. 


See ''Mathematics and Rela- 


tivity" in Project Physics 
Reader 5. 
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20.1 

results concerning our ideas of space and time, and to mod- 
ifications of Newtonian mechanics. We cannot here go through 
the details of Einstein's work because too much time would 

be needed. We can, however, state some of the theoretical 
results he obtained and see if they agree with experiment. 

It is, after all, the comparison between theory and experi- 
ment which is a chief test of the relativity theory, as it 


is with any other theory in physics. 


The most striking results of the relativity theory appear 
for bodies moving at very high speeds, that is, at speeds 
that are not negligible compared to the speed of light. 

For bodies moving at speeds small compared to the speed 
of light, relativity theory yields the same results as 
Newtonian mechanics as nearly as we can measure. This must 
be the case because we know that Newton's laws account 
very well for the motion of the bodies with which we are 
familiar in ordinary life. We shall, therefore, look for 
differences between relativistic mechanics and Newtonian 
mechanics in experiments involving high-speed particles. 
For the purposes of this course the differences are pre- 
sented as deviations from classical physics and in the 
language of classical physics. Relativity involves, how- 
ever, a large shift in viewpoint and in ways of talking 


about physics. 


We saw in Sec. 18.2 that J. J. Thomson devised a method 
for determining the speed v and the ratio of charge to 
mass q./m for electrons. Not long after the discovery of 
the electron by Thomson it was found that the value of q./m 
was not really constant, but varies with the speed of the 
electrons. Several physicists found, between 1900 and 1910, 
that electrons have the value q,/m = 1.76 x 10!! coul/kg 
only for speeds that are very small compared to the speed 
of light; the ratio has smaller values for electrons with 
greater speeds. The relativity theory offered an explana- 
tion for these results. According to the theory of rela- 
tivity, the electron charge does not depend on the speed 
of the electrons; but the mass of an electron should vary 


with speed, increasing according to the formula 


Mo 
A eae 


Yl - v*/c? 


In this formula, v is the speed of the electron, c is the 
speed of light in vacuum and mo is the rest mass, the 
electron mass when the electron is not moving, that is, 
when v = 0. More precisely, ™ is the mass of the electron 





20.1 
when it is at rest with respect to an observer, to the 
person doing the experiment; m is the mass of the electron 
measured while it moves with speed v relative to the 
observer. We may call m the relativistic mass. It is 
the mass determined, for example, by means of J. J. 


SG 20.1 
Thomson's method. 


The ratio of relativistic mass to rest mass, m/™ 








See "Relativity" in Project 
which is equal to i/ v1 - v*/ c*, is listed in rants Physics Reader 5. 
20.1 for values of v/c which Boa unity. The value 
of m/m becomes very large as v approaches c. 
Table 20.1 The Relativistic Increase of Mass with Speed 
v/c . m/m v/c m/m See "Parable of the Sur- 
ee, 2 NM! . o veyors" in Project Physics 
0.0 1.000 0.95 2.203 Reader 5. 
0.01 1.000 0.98 Se O25 
0.10 1005 0.99 Pee) 
0.50 ee Reps 0.99.8 15.52 
Ost 5 VES Re) 07.999 PINE 
See "Outside and Inside the 
0.80 1.667 | 0.9999 70.72 Elevator" in Project Physics 
0.90 IVAN 0.99999 22336 Reader 5. 


The formula for the relativistic mass has been tested 
experimentally; some of the earlier results, for electrons 
with speeds so high that the value of v reaches about 
0.8 c, are shown in 
the graph at the right. 
At that value of v 


the relativistic mass 


Am, 


m is about 1.7 times 

the rest mass mo: 

The curve shows the m{ 
theoretical variation 

of m as the value of 

v increases, and the 

dots and crosses are 
results from two dif- Mm, 
ferent experiments. 

The agreement of ex- 
periment and theory is 
excellent. The in- 

crease in mass with 

speed accounts for 

the shrinking of the 

ratio q,/m with speed, 
which was mentioned 


earlier. 4c | acs . 
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20.1 

The theory of relativity says that the formula for varia- 
tion of mass is valid for all moving bodies, not just 
electrons and other atomic particles. But larger bodies, 
such as those with which we are familiar in everyday life, 
move with speeds so small compared to that of light that the 
value of v/c is very small. The value of v*/c? is then 
extremely small, and the values of m and mo are’ so nearly 
the same that we cannot tell them apart. In other words, 
the relativistic increase in mass can be detected only for 
particles of sub-atomic size, which can move at very high 


speeds. 


The effects discussed so far are mainly of historical 
interest because they helped convince physicists of the 
correctness of relativity theory. Experiments done more 
recently provide even more striking evidence of the break- 
down of Newtonian physics for particles with very high 
speeds. Electrons can be given very high energies by 
accelerating them by means of a high voltage V. Since 
the electron charge is known, the energy increase, qv, 
is known. The rest mass mo of an electron is also known 
TEs 
therefore, possible to compare the values of the energy 


q.V with 


(see Sec. 18.3) and the speed v can be measured. 


sm v*. When experiments of this kind are done, it 
is found that when the electrons have speeds that are small 
a,V- We used this 


in discussing the photoelectric effect. 


compared to the speed of light, 4m v7 = 


relation We could 
do so because photoelectrons do, indeed, have small speeds 


the electron becomes large so that v/c is no 


and m and m, are very nearly identical for them. when 
the speed of 
longer small compared to 1.0, it is found that sm v* does 
not increase in proportion to q.Vi the discrepancy increases 
as a.V increases. The increase in kinetic energy still 
equals the amount of electrical work done, qv but some of 
the energy increase becomes measurable as the increase in 
mass instead of a marked increase in speed. The value of v?, 
instead of steadily increasing with kinetic energy, approaches 


a limiting value: c?. 


In the Cambridge Electron Accelerator (CEA) operated in 
Cambridge, Massachusetts, by Harvard University and the 
Massachusetts Institute of Technology, electrons are accel- 
erated in many steps to an energy which is equivalent to 
what they would gain in being accelerated by a potential dif- 
ference of 6 x 109 volts—an enormous energy for electrons. 
(Unit 6 deals further with accelerators, and the operation 
of the CFA apparatus is also the subject of a movie 


"Synchrotron".) The speed attained by the electrons is 


20.1 
v = 0.999999996 c; at this speed the relativistic mass m 


is over 10,000 times greater than the rest mass m ! SG 20.2 
fe) 
Relativity theory leads to a new formula for kinetic 
energy, expressing it in terms of the increase in mass: 
KE = (m - m_)c2 
re) 
or KE = mc2- moc? . 
It can be shown in a few steps of algebra that mc2- m c2 
i O° 
is almost exactly equal to mv" when v is very small SG 20.3 


compared to c. But at very high speeds, mc2- mc? agrees 
with experimental values of the amount of work done ona 
particle and 4m v* does not. Einstein gave the following 
interpretation of the terms in the relativistic formula 


for KE: mc**is the total energy of the particle, and m_c? 
° The rest energy mc? includes 


the potential energy, if there 
is any. Thus a compressed 
spring has a somewhat larger 


kinetic energy = total energy - rest energy rest mass and rest energy than 
the same spring when relaxed. 


is an energy the particle has even when it is at rest: 


KE = mc2 - m_c2 
fe) 


Or, putting it the other way around, the total energy E 
of a particle is the sum of its rest energy and its 
kinetic energy: 

E = mc? 
moc? + KE. 


This equation, Einstein's mass-energy relation, has 
great importance in nuclear physics. It suggests that 
kinetic energy can be converted into rest mass, and rest 
mass into kinetic energy or radiation. In Chapters 23 and 
24, we shall see how such changes come about experimentally, SG 20.4 
and see additional experimental evidence which supports SG 20.5 


this relationship. 


The theory of relativity was developed by Einstein from 
basic considerations of the nature of space and time and of 
their measurement. He showed that the Newtonian (or classi- 
cal) views of these concepts led to contradictions and had 
to be revised. The formulas for the variation of mass with 
speed and the mass-energy relation resulted from the logi- 


cal development of Einstein's basic considerations. The 


predictions of the theory have been verified experimentally, SG 20.6 
and the theory represents a model, or view of the world, SG 20.7 


which is an improvement over the Newtonian model. 





Q1 What happens to the measurable mass of a particle as its ki- 
netic energy is increased? 


Q2 What happens to the speed of a particle as its kinetic energy 
is increased? 
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20.2 Particle-like behavior of radiation. The first use we 


shall make of a result of relativity theory is in the 
further study of light quanta and of their interaction 
with atoms. The photoelectric effect taught us that a 
light quantum has energy hf, where h is Planck's constant 
and f is the frequency of the light. This concept also 
applies to x rays which, like visible light, are electro- 
magnetic radiation, but of higher frequency. The photo- 
electric effect, however, didn't tell us anything about 
the momentum of a quantum. We may raise the question: if 
a light quantum has energy does it also have momentum? 


The theory of relativity makes it possible for us to 
define the momentum of a photon. We start with the mass- 
energy relation for a particle, E = mc?, and write it in 


the form: 


We may then speculate that the magnitude of the momentum p is 
p = mv = Ss 
o2 
The last term is an expression for the momentum from which 
the mass has been eliminated. If this formula could be 
applied to a light quantum by setting the speed v equal to 


the speed of light c in the above equation; we would get 


Now, E = hf for a light quantum, and if we substitute this 
expression for E in p = E/c, we would get for the momentum 


of a light quantum: 


Po : 


hf 
Cc 


Does it make sense to define the momentum of a photon in 
this way? It does if the definition can be applied success- 
fully to the interpretation of experimental results. The 
first example of the successful use of the definition was 
in the analysis of the Compton effect which will now be 


considered. 


According to classical electromagnetic theory, when a 
beam of light (or x rays) strikes the atoms in a target 
(such as a thin sheet of metal), the light will be scat- 
tered in various directions but its frequency will not be 
changed. Light of a certain frequency may be absorbed by 
an atom, and light of another frequency may be emitted; 
but, if the light is simply scattered, there should be no 
change in frequency—provided that the classical wave 


theory is correct. 


20.2 

According to quantum theory, however, light is made up 
of photons. Compton reasoned that if photons have momen- 
tum, then in a collision between a photon and an atom the 
law of conservation of momentum should also apply.» Accord- 
ing to this law (see Chapter 10), when a body of small mass 
collides with a massive object, it simply bounces back or 
glances off with very little change in energy. But, if 
the masses of the two colliding objects are not very much 
different, a significant amount of energy can be transferred 
in the collision. ‘Compton calculated how much energy a 
photon should lose in a collision with an atom, assuming 
that the energy and momentum of the photon are defined as 
hf and hf/c, respectively. The change in energy is too 
small to observe if a photon simply bounces off an entire 
atom. If, however, a photon strikes an electron, which 
has a small mass, the photon should transfer a significant 


amount of energy to the electron. 


In experiments up to 1923, no difference had been observed 
between- the frequencies of the incident and scattered light 
(or x rays) when electromagnetic radiation was scattered 
by matter. In 1923 Compton, using improved experimental 
techniques, was able to show that when a beam of x rays of 
a given frequency is scattered, the scattered beam consists 
of two parts: one part has the same frequency as the inci- 
dent x rays; the other part has slightly lower frequency. 
This reduction in frequency of some of the scattered x rays 
is called the Compton effect. The change of frequency 
corresponds to a transfer of energy from photons to elec- 
trons in accordance with the laws of conservation of momen- 
tum and energy. The observed change in frequency is just 
what would be predicted if the photons were particles 
having momentum p = ne 


were struck by the photons could also be detected, because 


Furthermore, the electrons which 

they were knocked out of the target. Compton found that 

the momentum of these electrons was just what would be 

expected if they had been struck by a particle with momen- 
hf 


tum p = aa 


Compton's experiment showed that a photon can be regarded 
as a particle with a definite momentum as well as energy; it 
also showed that collisions between photons and electrons 


obey the laws of conversation of momentum and energy. 


Photons act much like particles of matter, having mo- 


mentum as well as energy; but they also act like waves, 


having frequency and wavelength. In other words, the be- 


havior of electromagnetic radiation is sometimes similar 





was born in Wooster, Ohio and 
graduated from the College of 


Wooster. After receiving his 
doctor's degree in physics 
from Princeton University in 
1916, he taught physics and 
then worked in industry. In 
1919-1920 he did research un- 
der Rutherford at the Caven- 
dish Laboratory of the Univer- 
sity of Cambridge. In 1923, 
while studying the scattering 
of x rays, he discovered and 
interpreted the changes in the 
wavelengths of x rays when the 
rays are scattered. He re- 
ceived the Nobel Prize in 1927 
for this work. 
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20.3 

to what we are used to thinking of as particle behav- 
ior and sometimes similar to what we are used to think- 
ing of as wave behavior. This behavior is often refer- 
red to as the wave-particle dualism of radiation. The 
question, "Is a photon a wave or a particle?" can only 
be answered: it may not be either, but can appear to 


act like either, depending on what we are doing with it. 





Q3 How does the momentum of a photon depend on the frequency of 
the light? 


Q4 What did the Compton effect prove? 


Dessert om ere 





20.3 Wave-like behavior of matter. In 1924, a French physicist, 


The de Broglie wavelength of a 
material particle does not refer 
to light, but to some new wave 
property associated with the 
motion of matter itself. 


SG 20.11 
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Louis de Broglie, suggested that the wave-particle dualism 
which applies to radiation might also apply to electrons 
and other atomic particles. Perhaps, he said, this wave- 
particle dualism is a fundamental property of all quantum 
processes, and what we have always thought of as material 
particles sometimes act like waves. He then sought an ex- 
pression for the wavelength of an electron and found one 


by means of a simple argument. 


We start with the formula for the magnitude of the mo- 
mentum of a photon, 


hf 


c 


The speed and frequency of a photon are related to the 
wavelength by the relation 


Guta TA, 
c r 
ro ’ x 
If we replace qin the momentum equation by x: we getis 
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De Broglie suggested that this relation, derived for pho- 
tons, would also apply to electrons with the momentum 
p =mv. He, therefore, wrote for the wavelength of an 


electron: 


where m is the mass of the electron and v its speed. 


What does it mean to say that an electron has a wave- 
length equal to Planck's constant divided by its momentum? 


If this statement is to have any physical meaning, it must 


be possible to test it by some kind of experiment. 
wave property of the electron must be measured. 


Some 
The first 


such property to be measured was diffraction. 


atoms in a crystal is about 10-1. 


By 1920 it was known that crystals have a regular lat- 
tice structure; the distance between rows or planes of 


After de Broglie 


proposed his hypothesis that electrons have wave proper- 
ties, several physicists suggested that the existence of 
electron waves might be shown by using crystals as dif- 


fraction gratings. 


Experiments begun in 1923 by Cc. J. 


Davisson and L. H. Germer in the United States, yielded 
diffraction patterns similar to those obtained for x rays, 
as illustrated in the two drawings at the left below. The 


experiment showed not only that electrons do have wave 


properties, but also that their wavelengths are correctly 


given by de Broglie's relation, \} = h/mv. 


These results 


were confirmed in 1927 by G. P. Thomson, who directed an 


electron beam through thin gold foil to produce the more 


familiar 


type of diffraction pattern like the one at the 
right in the margin. 
had been 


By 1930, diffraction from crystals 
used to demonstrate the wave-like behavior of 


helium atoms and hydrogen molecules, as illustrated in the 


drawing at the right below. 


crys TAL 


a. One way to demonstrate the wave 


behavior of x rays is to direct 
a beam at the surface of a crys- 
tal. The reflections from dif- 
ferent planes of atoms in the 
crystal interfere to produce re- 
flected beams at angles other 
than the ordinary angle of re- 
flection. 


A very similar effect can be 
demonstrated for a beam of elec- 
trons. The electrons must be 
accelerated to an energy that 
corresponds to a deBroglie wave- 
length of about 10-19 m (which 
requires an accelerating voltage 
of only about 100 volts). 


gp 


DETECTOR. 


Be 


ae : 
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CRYSTAL. 


c. More surprisingly still, a beam 


of molecules directed at a crys- 
tal will show a similar diffrac- 
tion pattern. The diagram above 
shows how a beam of hydrogen 
molecules (H,) can be formed by 
slits at the opening of a heated 
chamber; the average energy of 
the molecules is controlled by 
adjusting the temperature of the 
oven. The graph, reproduced 
from Zeitschrift fiir Physik, 
1930, shows results obtained by 
I. Estermann and O. Stern in 
Germany. The detector reading 
is plotted against the deviation 
to either side of angle of 
ordinary reflection, 





Fig. 20.3 Diffraction pattern 
produced by directing a beam of 
electrons through polycrystalline 
aluminum. With a similar pattern, 
G.P. Thomson demonstrated the 
wave properties of electrons— 

28 years after their particle 
properties were first demonstrated 
by J.J. Thomson, his father. 





Diffraction pattern for 
H, molecules glacing off 


a crystal of lithium 
fluoride. 
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The de Broglie wavelength: examples. . vet i 


A body of mass 1 kg moves with An electron of mass 9.1 x 1073! kg 
a speed of 1 m/sec. What is moves with a speed of 2 x 10° m/sec. 
its de Broglie wavelength? What is its de Broglie wavelength? 
mv mv { 
h = 6.6 x 10734 joule-sec h = 6.6 x 10734 joule-sec | 
mv = 1 kg-m/sec mv. = 1.82,.x 704.4 kg«m/sec 


eee 5 10-34 4oule-sec ponent 5. Ore 10°34 joule-*sec 
I kg-m/sec ‘4 1.82 x 10-24 kg-m/sec ' 


or or 
(men BAG emt Oi aaene ae ae fee ie Le 
_ The de Broglie wavelength is The de Broglie wavelength is of 
much too small to be detected. atomic dimensions; for example, 
| We would expect to detect no it is of the same order of mag- 
wave aspects in the motion of nitude as the distances between 
this body. atoms in a crystal. We would { 
| expect to see wave aspects in 
: the interaction of electrons with \ 
| crystals. 
SG 20.12 According to de Broglie's hypothesis, which has been 
SG 20.13 confirmed by these experiments, wave-particle dualism is 


Fig. 20.4 Only certain wave- 
lengths will "fit" around a 
circle, 
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a general property not only of radiation but also of mat- 
ter. It is now customary to use the word "particle" to 
refer to electrons and photons while recognizing that they 
both have properties of waves as well as of particles. 


De Broglie's relation, A = =, has an interesting yet 
simple application which makes more reasonable Bohr's 
postulate that the angular momentum of the electron in the 
hydrogen atom can only have certain values. Bohr assumed 
that the angular momentum can have only the values: 


mvr = n x, where ne=— leer, ae 


Now, suppose that an electron wave is somehow spread over 
an orbit of radius r—that, in some sense, it "occupies" 
an orbit of radius r. We may ask if standing waves can 
be set up as indicated, for example, in Fig. 20.4. The 
condition for such standing waves is that the circumfer- 
ence of the orbit is equal in length to a whole number of 
wavelengths, that is, to nd. The mathematical expression 
for- this? conditiongise: 


27x = NA. 


20.4 
h 
If we now replace ji by a according to de Broglie's 
relation, we get 


h 

2nrr = n—, 

mv 

or Mvr = tll, 
27 


But, this is just Bohr's quantization condition! The 
de Broglie relation for electron waves allows us to 


derive the quantization that Bohr had to assume. 


The result obtained indicates that we may picture the 
electron in the hydrogen atom in two ways: either as a 
particle moving in an orbit with a certain angular 
momentum, Or as a standing de Broglie type wave occupying 


a certain region around the nucleus. 





Q5 Where did de Broglie get the relation \ = t for electrons? 


O6 Why were crystals used to get diffraction patterns of elec- 
trons? 





20.4 Quantum mechanics. The proof that things (electrons, 


atoms, molecules) which had been regarded as particles 

also show properties of waves has served as the basis for 
the currently accepted theory of atomic structure. This 
theory, quantum mechanics, was introduced in 1925; it was 
developed with great rapidity during the next few years, 
primarily by Heisenberg, Born, Schrodinger, Bohr and 

Dirac. The theory appeared in two different mathematical 
forms proposed independently by Heisenberg and Schrodinger. 
These two forms were shown by Dirac to be equivalent. The 
form of the theory that is closer to the ideas of de Broglie, 
discussed in the last section, was that of Schrodinger. 


It is often referred to as "wave mechanics." 


Schrodinger sought to express the dual wave and particle 
nature of matter mathematically by means of a wave equation. 
Maxwell had formulated the electromagnetic theory of light 
in terms of a wave equation, and physicists were familiar 
with this theory and its applications. Schrodinger rea- 
soned that a wave equation for electrons would have to 
resemble the wave equation for light, but would have to 
include Planck's constant to permit quantum effects. Now, 
the equations we are talking about are not algebraic equa- 
tions. They involve higher mathematics and are called 
"differential equations." We cannot discuss this mathemat- 
ical part of wave mechanics, but the physical ideas involved 
require only a little mathematics and are essential to an 


understanding of modern physics. So, in the rest of 


Lit 
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Max Born (1882- ) was born in Ger- 
many, but left that country in 1933 
when Hitler and the Nazis gained con- 
trol. Born was largely responsible 
for introducing the statistical in- 
terpretation of wave mechanics. 

From 1933 to 1953, when he retired, 
he worked at Cambridge, England and 
Edinburgh, Scotland. He was awarded 
the Nobel Prize in physics in 1954. 
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Paul Adrien Maurice Dirac (1902- ), 
an English physicist, was one of the 
developers of modern quantum mechanics, 
His relativistic theory of quantum 
mechanics (1930) was the first indica- 
tion that "anti-particles" exist, such 
as the positron. He shared the Nobel 
Prize for physics in 1933 with 
Schrédinger. In 1932, at the age of 
30, Dirac was appointed Lucasian 
Professor of Mathematics at Cambridge 
University, the post held by Newton. 
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Erwin Schrodinger (1887-1961) was 
born in Austria. After service in 
World War I, he became a professor 
of physics in Germany. He developed 
wave mechanics in 1926, left Germany 
in 1933 when Hitler and the Nazis 
came to power. From 1940 to 1956, 
when he retired, he was professor of 
physics at the Dublin Institute for 
Advanced Studies. He shared the 
Nobel Prize in physics with Dirac in 
1933 for his work on wave mechanics. 


Prince Louis Victor de Broglie (1892- ) comes of a 
noble French family. His ancestors served the French 
kings as far back as the times of Louis XIV. He was 
educated at the Sorbonne in Paris, served as a radio 
specialist in World War I, and was awarded the Nobel 
Prize in physics in 1929. 


Werner Karl Heisenberg (1901 - ), a German physicist, 
was one of the developers of modern quantum mechanics 
(at the age of 23). He discovered the uncertainty 
principle, and after the discovery of the neutron 

in 1932, proposed the proton-neutron theory of 
nuclear constitution. He was awarded the Nobel Prize 
in physics in 1932. During World War II, Heisenberg 
was in charge of German research of the application 
of nuclear energy. 
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20.4 

this chapter, we shall discuss some of the physical ideas 
of the theory to try to make them seem plausible; and we 
shall consider some of the results of the theory and some 
of the implications of these results. 


Schrodinger was successful in deriving an equation for 
the motions of electrons. This equation, which has been 
named after him, defines the wave properties of electrons 
and also includes their basic particle aspects. The math- 
ematical solution of the Schrodinger equation shows that 
only certain electron energies are possible in an atom. 
For example, in the hydrogen atom, the single electron can 
only be in those states for which the energy of the elec- 
tron has the values: 

2n?mq.” 

nh 
with n having only whole number values. These values of 
the energies are just the ones given by the Bohr theory. 
But, in Schrodinger's theory, this result follows directly 
from the mathematical formulation of the wave and particle 
nature of the electron. The existence of these stationary 
states has not been assumed, and no assumptions have been 
made about orbits. The new theory yields all the positive 
results of the Bohr theory without having any of the 
inconsistent hypotheses of the earlier theory. The new 
theory also accounts for the experimental information for 


which the Bohr theory failed to account. 


On the other hand, quantum mechanics does not supply a 
physical model or picture of what is going on inside the 
atom. The planetary model of the atom has had to be given 
up, and has not been replaced by another simple picture. 
There is now a highly successful mathematical model, but 
no easily understood physical model. The concepts used to 
build quantum mechanics are more abstract than those of 
the Bohr theory; it is hard to get an intuitive feeling 
for atomic structure. But the mathematical theory of 
quantum mechanics is much more powerful than the Bohr 
theory, and many problems have been solved with quantum 
mechanics that were previously unsolvable. Physicists 
have learned that the world of atoms, electrons and pho- 
tons cannot be thought of in the same mechanical terms as 
the world of everyday experience. In fact the world of 
atoms has presented us with some new and fascinating con- 


cepts which will be discussed in the next two sections. 


20.5 
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Q7 pone set of energy states of hydrogen could be derived from 
Bohr's postulate of quantized angular momentum. Why was the der- 
ivation from Schrodinger's equation so much better? 


Q8 Quantum (or wave) mechanics has had great success. What is 
its major drawback? 
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20.5Quantum mechanics - the uncertainty principle. The success 


of wave mechanics emphasizes the fundamental importance of 
the dual wave-and-particle nature of radiation and matter. 
The question now arises of how a particle can be thought 

of as "really" having wave properties. The answer is that 
invisible matter of the kinds involved in atomic structure 


doesn't have to be thought of as "really" being either 


particles or waves. Our ideas of waves and particles are See "Dirac and Born" in 
taken from the world of visible things and may just not Frc lectEbyesc Ss besuclres 


apply on the atomic scale. The suitability of applying 
wave and particle concepts to atomic problems has to be 
studied and its possible limitations determined. 


When we try to describe something that' no one has ever 
seen or can ever see directly, it is questionable whether 
the concepts of the visible world can be taken over unchanged. 
It appeared natural before 1925 to try to talk about the 
transfer of energy in either wave terms or particle terms, 
because that was all physicists knew and understood at the 


time. No one was prepared to find that both wave and parti- 
Max Born, one of the founders of 
quantum mechanics, has written: 
this dualism cannot be wished away, because it is based on "The ultimate origin of the dif- 
; ficulty lies in the fact (or 
philosophical principle) that 
we are compelled to use the 
words of common language when 
could just accept it as a fact of nature and go on from we wish to describe a phenom- 
enon, not by logical or mathe- 
matical analysis, but by a pic- 
ism as you undoubtedly are, and searched for a way out of the ture appealing to the imagina- 
tion. Common language has 


cle descriptions could apply to light and to matter. But 


experimental results. 


If we didn't feel uncomfortable with the dualism, we 


there. But, scientists were as uncomfortable with the dual- 





situation. Because there is no argument with the facts, the grown by everyday experience 
way out has to be with our view of nature, our outlook as © and can never surpass these 

. : limits. Classical physics has 
scientists. To look for this way we shall describe some ex- Y obiréctedtibceitirartnotuse 
periments which show up a fundamental limitation on our of concepts of this kind; by 


d : Heres analyzing visible motions it 
ability to describe phenomena. Following that, we shall give 4,, developed two ways of rep- 


a simplified version of the present view of physics concern- resenting cents careers 
: ; , processes: moving particles 
ing the wave-particle dualism. and waves. There is no other 
} : : way of giving a pictorial de- 
Up to this point we have always talked as if we could pee iccionearemetionesseennere 
measure any physical property as accurately as we pleased, to apply it even in the region 
: ; of atomic processes, where 
if not in the laboratory at least in our own thoughts in Slaanicatephyst: atueealctiowcn. 
which ideal instruments could be "used." Wave mechanics 


shows that, even in thought experiments, there are limita- 


tions on the accuracy with which atomic measurements may be 


made. 


1.15 
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20.5 

Suppose we want to measure the position and velocity of a 
car; and let us suppose that the car's position is to be 
measured from the end of a garage. The car moves slowly out 
of the garage along the driveway. We mark the position of 
the front end of the car at a given instant by making a 
scratch on the ground; at the same time, we start a stop- 
watch. Then we run to the far end of the driveway, and at 
the instant that the front end of the car reaches another 
mark on the ground we stop the watch. We then measure the 
distance between the marks and get the average speed of the 
car by dividing the distance traversed by the time elapsed. 
Since we know the direction of the car's motion, we know the 
average velocity. Thus we know that at the moment the car 
reached the second mark it was at a known distance from its 


starting point and had traveled at a known average velocity. 


How did we get this information? We could locate the 
position of the front end of the car because sunlight bounced 
off the front end into our eyes and permitted us to see when 
the car reached a certain mark on the ground. To get the 


average speed we had to locate the front end twice. 


Note that we used sunlight in our experiment. Suppose 
that we had decided to use radio waves instead of light of 
visible wavelength. At 1000 kilocycles per second, a typical 

A= - = 3 *10-n/sec = 300 m. value for radio signals, the wave length is 300 meters. With 

radiation of this wavelength, which is very much greater 

than the dimensions of the car, it is impossible to locate 
the car with any accuracy, because the wavelength has to be 
comparable with or smaller than the dimensions of the object 
before the object can be located. Radar uses wavelengths 
from 3 cm to about 0.1 cm. Hence a radar apparatus could 
have been used instead of sunlight, but radar waves much 
longer than 3 cm would result in appreciable uncertainty 


about the positions and average speed of the car. 


Let us now replace the car, driveway and garage by an 
electron leaving an electron gun and moving across an evac- 
uated tube. We try to measure the position and speed of the 
electron. But some changes have to be made in the method of 
measurement. The electron is so small that we cannot locate 
its position by using visible light. The reason is that 
the wavelength of visible light is at least 10% times 
greater than the diameter of an atom. 


To locate an electron within a region the size of an 
atom (10-19 m) we must use a light beam whose wavelength is 
comparable to the size of the atom, if not much smaller. 
Otherwise we will be uncertain about the position by an 
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The extreme smallness of the atomic scale is indicated by these pictures made with techniques that give 
the very limits of magnification—about 10,000,000 times in this reproduction. 


Electron micrograph of a section of a single gold 
crystal, The entire section of crystal shown is 
only 100A across—smaller than the shortest wave- 
length of ultraviolet light that could be used in 
a light microscope. The finest detail that can 
be resolved is just under 2A, so that the layers 
of gold atoms (spaced slightly more than 24) show 
as a checked pattern; individual atoms are beyond 
the resolving power, 





Field-ion micrograph of the tip 

of a microscopically thin tungsten 
crystal. As above, the entire 
section shown is only about 100A 
across. The bright spots indicate 
the locations of atoms along edges 
of the crystal, but should not be 
thought of as pictures of the atom. 
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20.6 

amount many times greater than the diameter of the electron. 
Now a photon of such a wavelength has a very great energy 
and momentum; and, from our study of the Compton effect, we 
know that the photon will give the electron a strong kick. 
As a result, the velocity of the electron will be seriously 
changed, and in an unknown direction. Hence, although we 
have "located" the electron, we have altered its velocity 
(both in magnitude and direction). To say this more direct- 
ly: the more accurately we locate the electron (by using 
photons of shorter wavelength) the less accurately we can 
know its velocity. If we try to disturb the electron less 
by using less energetic (longer wavelength) photons, we lose 
resolving power and acquire a greater uncertainty in the 
position of the electron. To summarize: we are unable to 
measure both the position and velocity of an electron to a 
prescribed accuracy. This conclusion is known as the un- 
certainty principle, and was discovered by Heisenberg. The 
uncertainty principle can be expressed quantitatively ina 
Simple formula. If Ax is the uncertainty in position, and 
Ap is the uncertainty in momentum, then the product of the 
two must be equal to, or greater than, Planck's constant di- 
vided by 27: 


h 
(Ax) (Ap) > oe 


The same reasoning holds for the car, but the limitation 
is of no practical consequence with such a massive object. 
It is only in the atomic world that the limitation is impor- 
tant. 





Q9 If light photons used in finding the velocity of an electron 
disturb the electron too much, why can't the observation be im- 
proved by using weaker photons? 


O16 If the wavelength of light used to locate a particle is too 
long, why can't the location be found more precisely by using 
light of shorter wavelength? 
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20.6 Quantum mechanics - probability interpretation. The way. 


in which physicists now think about the dualism involves the 
idea of probability. Even in situations in which no single 
event can be predicted with certainty, it may still be pos- 
sible to make predictions of the statistical probabilities 
of certain events. For example, automobile manufacturers 
don't know which 8 million people will buy cars this year. 
But they do know that about that many people will find need 
for a new car. Similarly, on a holiday weekend during which 
perhaps 25 million cars are on the road, the statisticians 
report a high probability that about 600 people will be 
killed in accidents. It isn't known which cars in which of 
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The uncertainty principle: examples. 


A large mass. A small mass. 


Consider a car, with a mass Consider an electron, with a 


_ of 1000 kg, moving with a speed mass of 9.1 x 1073! kg, moving 
: of about 1 m/sec. Suppose that with a speed of about 2 x 10° m/sec. 
the uncertainty Av in the speed Suppose that the uncertainty Av in 
is 0.1 m/sec (10% of the speed). the speed is 0.2 x 10® m/sec (10% of 
| What is the uncertainty in the the speed). What is the uncertainty 
_ position of the car? in the position of the electron? 
h h 
AxAp eZ ore AxAp 2 aa 
Ap = mAv = 100 kg-m/sec Ap = mAv = 1.82 x 107° kg-m/sec 
h = 6.63 x 107-3* joule:sec h = 6.63 x 1073" joule-sec 
-34 « ; -34 3 
oe 2283 ~ 20 joule-sec Ax > ee £0 joule-sec ; 
: 10* kg-m/sec : 8 2ex 810s co koem/ sec 
; or or 
Sere lex 10.°° m. AX > 5X er O aan 
The uncertainty in position The uncertainty in position is of 
is much too small to be observ- the order of atomic dimensions, and 
-able. In this case we can deter- is significant in atomic problems. 


mine the position of the body 
with as high an accuracy as we 


would ever need. 


The reason for the difference between these two results is that Planck's 
constant h is very small: so small that the uncertainty principle becomes 


important only on the atomic scale. 


The main use of the uncertainty principle is in general arguments in 


atomic theory rather than in particular numerical problems. We don't really 


need to know exactly where an electron is, but we sometimes want to know if 


it could be in some region of space. 


the 50 states will be the ones involved in the accidents, but 


the average behavior is still quite accurately predictable. 


ag : Fa, to Be See "The Fundamental Idea 
Tt is in this way that physicists think about the behavior ¢ wove Mechanics" in Pro- 


of photons and material particles. As we have seen, there ject Physics Reader 5. 
are fundamental limitations on our ability to describe the 

behavior of an individual particle. But the laws of physics 

often enable us to describe the behavior of large collections 
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Probability in Quantum Mechanics 


We have already described how probabilities were used in the kinetic theory of gases (Chapter 11). Be- 
cause a gas contains so many molecules—more than a billion billion in each cubic centimeter of the air we 
breathe—it is impractical to calculate the motion of each molecule, Instead of applying Newton's laws to 
trace the paths of these molecules the scientists who developed the kinetic theory assumed that the net 
effect of all of the collisions among molecules would be a random, disordered motion that could be treated 
statistically. In the kinetic theory a gas is described by stating its average density and average kinetic 
energy, or, where more detail is wanted, by showing the relative numbers of molecules with different speeds. 


Probability is used in a different way in quantum theory. The description of a single molecule or a 
single electron is given in terms that yield only statistical predictions. Thus quantum mechanics predicts 
the probability of finding a single electron in a given region. The theory does not specify the position 
and the velocity of the electron, but the probability of its having certain positions and certain veloci- 
ties. The theory asserts that to ask for the precise position and velocity of a particle is to demand the 
unknowable. 

As an example, consider the case of a particle confined to a box 
with rigid sides. According to classical mechanics the path of the 
particle can be traced from a knowledge of its position and velocity 
at some instant. Only if we introduce a large number of particles 
into the box is there a need to use probabilities. 


The quantum mechanical treatment of a single particle confined to 
a box is much different. It is not possible, according to the theory, 
to describe the particle as moving from one point to another within 
the box; only the probability of detecting the particle at various 
regions can be predicted. Moreover, the theory indicates that the 
particle is limited to certain discrete values of kinetic energy. 
The way the probability of finding the particle varies from point 
to point within the box depends on the energy. For example, in the 
lowest possible energy state the particle has the probability dis- 
tribution indicated by the shading in the top drawing at the left; 
the darker the shading, the greater the probability of the particle's 
being there. The probability falls to zero at the sides of the box. 
The lower drawing at the left represents the probability distribu- 
tion for the second energy level; notice that the probability is 
zero also for the particle to be on the center line, 


As these drawings suggest, the probability distributions are the 
same as the intensity of standing waves that have nodes on the faces 
of the box. The standing wave intensity patterns for three of the 
lower energy levels are graphed below. The momentum and kinetic 
energy of the electron are connected to the wavelength of the stand- 
ing waves through the deBroglie relations: p = h/) and KE = h2/2md?. 





Since only certain wavelengths can 
ticle can have only certain values 











This quantum effect of discrete 
theory, for any confined particle. 


be fitted into the box, the par- 
of momentum and energy. 


energy levels will occur, in 
Yet for a particle large enough 


to be seen with a microscope there does not appear to be any lower 
limit to its energy or any gaps in possible values of its energy. 
This is because the energy for the lowest state of such a particle 

is immeasurably small and the separation of measurably larger 
energies is also immeasurably small. The existence of discrete 
energy states can be demonstrated experimentally only for particles 
of very small mass confined to very small regions—tthat is, particles 
on the atomic scale. 
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Nowhere is the discreteness of emergy states 

more pronounced than for electrons bound in atoms. 
The electron mass is extremely small and an atom 
makes an extremely small "box.'' There is thus 
clearly a lower limit to the energy of an electron 
in an atom and there are distinct gaps between 
energy levels. 


According to modern quantum theory, the hydro- 
gen atom does not consist of a localized nega- 
tive particle moving around a nucleus as in the 
Bohr model. Indeed, the theory does not provide 
any picture of the hydrogen atom. However, 
quantum theory does yield probability distribu- 
tions similar to those on the preceding page. 

A description of this probability distribution 
is the closest thing that the theory provides 
to a picture. The probability distribution for 
the lowest energy state of the hydrogen atom is 
represented in the upper drawing at the right, 
where whiter shading at a point indicates 
greater probability. The probability distribu- 
tion for a higher energy state, still for a 
single electron, is represented in the lower 
drawing at the right. 





Quantum theory is, however, not really concerned 
with the position of any individual electron in 
any individual atom. Instead, the theory gives 
a mathematical representation that can be used 
to predict interaction with particles, fields 
and radiation. For example, it can be used to 
calculate the probability that hydrogen will 
emit light of a particular wavelength; the in- 
tensity and wavelength of light emitted by a 
large number of hydrogen atoms can then be 
compared with these calculations. Comparisons 
such as these have shown that the theory agrees 
with experiment. 


Although the atom of modern quantum mechanics 
differs fundamentally from the Bohr model, 
there are points of correspondence between the 
two theories. The probability of finding the 
electron somewhere on a sphere at a distance r 
from the nucleus is plotted for the lowest energy 
state of the hydrogen atom at the left below. 
The most probable distance (r,) is equal to the 
radius of the electron orbit given by the Bohr 
theory. The same correspondence occurs for 
higher energy states, as shown in the other two 


graphs. 
h 
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SG 20.18 
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This graph for a pattern of 
stripes would be interpreted 
in a wave model as the rela- 
tive wave intensity, and in a 
particle model:as the relative 
probability of a particle 
arriving. 
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20.6 
of particles with high accuracy. The solutions of the 


Schrodinger equation give us the probabilities for finding 
the particles at a given place at a given time. 


To see how probability enters the picture we shall first 
examine a well-known problem from the point of view of waves. 
Then we shall examine the same situation from the point of 


view of particles. 


Imagine a television screen with a stream of electrons 
scanning it. The electron waves from the gun cover the 
screen with varying intensities to make the picture pattern. 
If the overall intensity of the waves is reduced by reducing 
the flow of electrons from the gun, the wave theory predicts 
that the picture pattern will remain, but that the entire 
picture will be fainter. If we were actually to do this ex- 
periment, we would find that, as the intensity becomes very 
weak, the picture pattern fades into a collection of separate 
faint flashes scattered over the screen. The naked eye is 


not sensitive enough to see the scattered flashes. 


The waves give us the probability of finding electrons at 
various places at various times. If the number of electrons 
is small, the prediction becomes very poor. We can predict 
with any accuracy only the average behavior of large numbers 


of electrons. 





A similar analysis holds for photons and their associated 
light waves. If light waves are projected onto a movie 
screen, the pattern is similar for all light intensities 
which give large numbers of photons. If the projector's 
light bulb is screened or otherwise reduced in intensity so 
that the light is extremely weak, the pattern falls apart in- 
to a collection of flashes. Here, too, the wave gives the 
probability of finding photons at various places at various 
times, and this probability gives us the correct pattern for 


large numbers of photons. 


If a camera were pointed at the screen and the shutter 
left open for long enough time so that many photons (or elec- 
trons, in the previous example) arrived at the screen, the 


resultant picture would be a faithful reproduction of the 


20.6 
high intensity picture. Even though individual particles ar- 
rive at random places on the screen, the rate at which they 
arrive doesn't affect the final result provided that we wait 


until the number that has finally arrived is very large. SG 20.19 


We see then that we can deal only with the average be- 
havior of atomic particles; the laws governing this average 
behavior turn out to be those of wave mechanics. The waves, 
it seems, are waves of probability. The probability that a 
particle will have some position at a given time travels 
through space in waves which interfere with each other in ex- 
actly the same way that water waves do. So, for example, if 
we think of electron paths crossing each other, we consider 
the electrons to be waves and compute the interference pat- 
terns which determine the directions in which the waves will 
be going after they have passed each other. Then, as long 
as there is no more interaction of the waves with matter, we 
can return to our description in terms of particles and say 
that the electrons end up going in such and such directions SG 20.20 
with such and such speeds. 


We quote Max Born who was the originator of the probabil- 
ity interpretation of the wave-particle dualism: 

Every process can be interpreted either in terms of 

corpuscles or in terms of waves, but...it is beyond 

our power to produce proof that it is actually corpus- 

cles or waves with which we are dealing, for we cannot 

simultaneously determine all the other properties 

which are distinctive of a corpuscle or of a wave, as 

the case may be. We can, therefore, say that the wave 

and corpuscular descriptions are only to be regarded 

as complementary ways of viewing one and the same ob- 

jective process.... SG 20.21 

Despite the successes of the idea that the wave repre- SG 20.22 
sents the probability of finding its associated particle in 
some specific condition of motion, many scientists found it 
hard to accept the idea that men cannot know exactly what 
any one particle is doing. The most prominent of such dis- 
believers was Einstein. In a letter to Born written in 1926, 
he remarked, 

The quantum mechanics is very imposing. But an inner 

voice tells me that it is still not the final truth. 

The theory yields much, but it hardly brings us nearer 

to the secret of the Old One. In any case, I am con- 

vinced that He does not throw dice. 

Thus, Einstein refused to accepvr probability-based laws 
as final in physics, and here for the first time he spoke of 
the dice-playing God—an expression he used many times later 
as he expressed his belief that there are deterministic laws 
yet to be found. Despite the refusal of Einstein (and 


others) to accept probability laws in mechanics, neither he 


23 
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20.6 
nor any other physicist has succeeded in replacing Born's 


probability interpretation of quantum mechanics. 


Scientists agree that quantum mechanics works; it gives 
the right answers to many questions in physics, it unifies 
ideas and occurrences that were once unconnected, and it 
has been wonderfully productive of new experiments and new 
concepts. On the other hand, there is less agreement about 
the significance of quantum theory. Quantum theory yields 
probability functions, not particle trajectories. Some 
scientists see in this aspect of the theory an important 
revelation about the nature of the world; for other scien- 
tists this same fact indicates that quantum theory is 
incomplete. Some in this second group are trying to develop 
a more basic, non-statistical theory for which the present 
quantum theory is only a limiting case. There is no doubt 
that quantum theory has profoundly influenced man's views 
of nature. It would be a mistake to assume that quantum 
mechanics provides some sort of ultimate physical theory, 
although up to this time no one has developed a success- 
ful nonstatistical theory of atomic and nuclear physics. 


Finally, it must be stressed again that effects which are 
completely unnoticeable because of the large masses of.the ~ 
visible world are very important for the small particles of 
the atomic world. The simple concepts (such as wave, parti- 
cle, position, velocity) which work satisfactorily for the 
world of everyday experience are not appropriate, and the 
attempt to borrow these concepts for the atomic world has 
produced our problems of interpretation. We have been 
lucky enough to have unscrambled many of the apparent para- 
doxes, although we may at first be unhappy to have lost a 
world in which waves were only waves and particles were only 


particles. 





QT In wave terms, the bright lines of a diffraction pattern are 
regions where there is a high field intensity produced by con- 
structive interference. In the probability interpretation of 
quantum mechanics, the bright lines of a diffraction pattern are 
regions where there is a high ....? 


O12 If quantum mechanics can predict only probabilities for the 

behavior of any one particle, how can it predict many phenomena, 

for example, half-lives and diffraction patterns, with great cer- 
tainty? 











Doodles from the scratch pad of a modern theoretical physicist, 
Prot eeGarNen vane. 
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20.1 How fast would you have to move to increase your mass by 1%? 


20.2 The centripetal force on a mass moving with relativistic speed 
v around a circular orbit of radius R is F = mv2/R, where m is the 
relativistic mass. Electrons moving at a speed 0.60 c are to be 
deflected in a circle of radius 1.0 m: what must be the magnitude 
of the force applied? (m, = 9.1 x 10-3! kg.) 


20.3 The formulas (p = mjv, KE = 4mv2) used in Newtonian physics 
are convenient approximations to the more general relativistic for- 


mulas, The factor ty ¥ 1-v*/c* can be expressed as an infinite 
series of steadily decreasing terms by using a binomial series 
expansion, When this is done we find that 


2 4 6 8 
Jl-v2/c2 = 1 + 1/2 ~ + 3/8 ~, + 5/16 mi: + 35/128 <8 see A 


a) Show, by simple substitution, that when 
= is less than 0.1, the values of the terms 


drop off so rapidly that only the first few 
terms need be considered, 
b) The greatest speeds of man-sized objects are 


rarely more than 3,000 m/sec, so = is less than 
1075, Substitute the series expression for 


1/A-v2/c2 into the relativistic formulas, 
mov 
? 2 een 
V1-v2/e2 


KE = mc* - mc * 

and cross off terms which will be too small to 
be measurable. What formula would you use for 
momentum and kinetic energy in describing the 

motion of man-sized objects? 


20.4 According to relativity theory, changing the energy of a 
system by AE also changes the mass of the system by Am = AE/c?, 
Something like 10° joules per kilogram of substance are commonly 
released as heat energy in chemical reactions. 
a) Why then aren't mass changes detected in chemical 
reactions? 
b) Calculate the mass change associated with a change 
of energy of 10° joules. 


20.5 The speed of the earth in its orbit is about 18 miles/sec 
(3 x 104 m/sec). Its "rest" mass is 6.0 x 1024 kg. 
a) What is the kinetic energy (4m,v?) of the earth in its 
orbit? 
b) What is the mass equivalent of that kinetic energy? 
c) By what percentage is the earth's "rest" mass 
increased at orbital speed? 
d) Refer back to Unit 2 to recall how the mass of the 
earth is found; was it the rest mass or the mass 
at orbital speed? 


20.6 In 1926, Sir John Squire proposed the following continuation 
of Pope's verse on Newton: 


Pope: Nature and Nature's laws lay hid in night 
God said, 'Let Newton be!' and all was light. 


Squire: It did not last: The Devil howling 'Ho, 
Let Einstein be,' restored the status quo. 


What does this mean, and do you agree? 











20.7 In relativistic mechanics the formula Dp = mv still holds, 


but the mass m is given by m= m_//1-v2/c2. The rest mass of an 
electron is 9.1 x 10 3! kg. % 


a) What is its momentum when it is moving down the 
axis of a linear accelerator from left to right 
at a speed of 0.4 c with respect to the accelerator 
tube? 

b) What would Newton have calculated for the momentum 
of the electron? 

c) By how much would the relativistic momentum increase 
if the speed of the electron were doubled? 

d) What would Newton have calculated its change in 
momentum to be? 


° 
20.8 Calculate the momentum of a photon of wavelength 4000 A. 
How fast would an electron have to move in order to have the same 
momentum? 


20.9 What explanation would you offer for the fact that the wave 
aspect of light was shown to be valid before the particle aspect 
was demonstrated? 


20.10 Construct a diagram showing the change that occurs in the 
frequency of a photon as a result of its collision with an electron. 


20.11 The electrons which produced the diffraction photograph on 

p. 109 had de Broglie wavelengths of 10-19 meter. To what speed 

must they have been accelerated? (Assume that the speed is small 
compared to c, so that the electron mass is ~ 10-39 kg.) 


20.12 A billiard ball of mass 0.2 kilograms moves with a speed of 
1 meter per second, What is its de Broglie wavelength? 


20.13 Show that the de Broglie wavelength of a classical particle 
of mass m and kinetic energy KE is given by 


h 


¥ 2m(KE) 


What happens when the mass is very small and the speed is very 
great? 


= 


20.14 Suppose that the only way you could obtain information about 
the world was by throwing rubber balls at the objects around you 
and measuring their speeds and directions of rebound, What kinds 
of objects would you be unable to learn about? 


20.15 A bullet can be considered as a particle having dimensions 
approximately 1 centimeter. It has a mass of about 10 grams and 
a speed of about 3 x 104 centimeters per second, Suppose we can 
measure its speed to within one part of 10*, What is the corres- 
ponding uncertainty in its position according to Heisenberg's 
principle? 


20.16 Show that if Planck's constant were equal to zero, quantum 
effects would disappear and particles would behave according to 
Newtonian physics. What effect would this have on the properties 
of light? 


20.17 Bohr once said, 
If one does not feel a little dizzy when discussing the 


implications of Planck's constant h it means that one 
does not understand what one is talking about. 


What might he have meant? (Refer to examples from Chapters 18, 19 
and 20.) Do you agree with Bohr's reaction? 
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20.18 A particle confined in a box cannot have a kinetic energy less 
than a certain amount; this least amount corresponds to the longest 
de Broglie wavelength which produces standing waves in the box; that 
is, the box size is one-half wavelength. For each of the following 
situations find the longest de Broglie wavelength that would fit in 
the box; then use p = h/) to find the momentum p, and use p = mv to 
find the speed v. 
a) a dust particle (about 10-9 kg) in a display case 
(about 1 m across). : 
b) an argon atom (6.6 x 10726 kg) in a light bulb 
(about 107! m across). 
c) a protein molecule (about 10722 kg) in a bacterium 
(about 107© m across). 
d) an electron (about 10739 kg) in an atom (about 10710m 
across). 


20.19 Some philosophers (and some physicists) have claimed that the 
Uncertainty Principle proves that there is free will. Do you think 
this extrapolation from atomic phenomena to the world of animate 
beings is justified? Discuss. 


20.20 A physicist has written 


It is enough that quantum mechanics predicts the average 
value of observable quantities correctly. It is not 
really essential that the mathematical symbols and pro- 
cesses correspond to some intelligible physical picture 
of the atomic world. 


Do you regard such a statement as acceptable? Give reasons. 


20.21 The great French physicist Pierre Laplace (1748-1827) wrote, 


Given for one instant an intelligence which could com- 
prehend all the forces by which nature is animated and 
the respective situation of the beings who compose it— 
an intelligence sufficiently vast to submit these data 
to analysis—-it would embrace in the same formula the 
movements of the greatest bodies of the universe and 
those of the lightest atom; for it, nothing would be 
uncertain and the future, as the past, would be present 


to its eyes. A Philosophical Essay on Probabilities. 
Is this statement consistent with modern physical theory? 


20.22 In Chapters 19 and 20 we have seen that it is impossible to 
avoid the wave-particle dualism of light and matter. Bohr has 
coined the word complementarity for the situation in which two 
opposite views seem equally valid, depending on which aspect of 

a phenomenon one chooses to consider. Can you think of situations 
in other fields (outside of atomic physics) to which this idea 
might apply? 


20.23 In Units 1 through 4 we discussed the behavior of 
large-scale "classical particles" (for example, tennis 
balls) and "classical waves" (for example, sound waves), 
that is, of particles and waves that in most cases can 

be described without any use of ideas such as the quantum 
of energy or the de Broglie matter-wave. Does this mean 
that there is one sort of physics ("classical physics") 
for the phenomena of the large-scale world and quite a 
different physics ("quantum physics") for the phenomena 

of the atomic world? Or does it mean that quantum physics 
really applies to all phenomena but is not distinguishable 
for classical physics when applied to large-scale particles 
and waves? What arguments or examples would you use to 
defend your answer? 
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Epilogue We have traced the concept of the atom from the 
early ideas of the Greeks to the quantum mechanics now gener- 
ally accepted by physicists. The search for the atom started 
with the qualitative assumptions of Leucippus and Democritus 
who thought that their atoms offered a rational explanation 
of things and their changes. For many centuries most natural 
philosophers thought that other explanations, not involving 
atoms, were more reasonable. Atomism was pushed aside and 
received only occasional consideration until the seventeenth 
century. With the growth of the mechanical philosophy of 
nature in the seventeenth and eighteenth centuries, particles 
(corpuscles) became important. Atomism was reexamined, 
mostly in connection with physical properties of matter. 
Boyle, Newton and others speculated on the role of particles 
in the expansion and contraction of gases. Chemists specu- 
lated about atoms in connection with chemical change. Final- 
ly, Dalton began the modern development of atomic theory, 
introducing a quantitative aspect that had been lacking—the 


relative atomic mass. 


Chemists, in the nineteenth century, found that they 
could correlate the results of many chemical experiments in 
terms of atoms and molecules. They also found a system in 
the properties of the chemical elements. Quantitative in- 
formation about atomic masses provided a framework for the 
system—the periodic table of Mendeleev. During the nine- 
teenth century, physicists developed the kinetic theory of 
gases. This theory—based on the assumption of very small 
corpuscles, or particles, or molecules, or whatever else 
they might be called—helped strengthen the position of the 
atomists. Other work of nineteenth-century physics helped 
pave the way to the study of the structure of atoms, although 
the reasons for this work had no direct connection with the 
problem of atomic structure. The study of the spectra of 
the elements and of the conduction of electricity in gases, 
the discovery of cathode rays, electrons, and x rays, all 


eventually led to the atom. 


Nineteenth-century chemistry and physics converged, at the 
beginning of the twentieth century, on the problem of atomic 
structure. It became clear that the uncuttable, infinitely 
hard atom was too simple a model: that the atom itself is 
made up of smaller particles. And so the search for a model 
with structure began. Of the early models, that of Thomson— 
the pudding with raisins in it—attracted much interest; but 
it was inadequate. Then came Rutherford's nuclear atom, with 
its small, heavy, positively charged nucleus, surrounded, 
somehow, by negative charges. Then the atom of Bohr, with 





its electrons moving in orbits like planets in a miniature 
solar system. The Bohr theory had many successes and linked 
chemistry and spectra to the physics of atomic structure. 
But then the Bohr theory fell, and with it the easily 
grasped pictures of the atom. There is an end—at least for 
the present—to the making of simple physical models. Now 
is the time for mathematical models, for equations, not for 
pictures. Quantum mechanics enables us to calculate how 
atoms behave; it helps us understand the physical and chemi- 
cal properties of the elements. What we used to call "atomic 
physics," Dirac now calls "the theory of chemistry," pre- 
sumably because "Chemistry" is that which is understood, 


while physics still has secrets. 


The next stage in our story is the nucleus of the atom. 
Is it uncuttable? Is it infinitely hard? Or is the nucleus 
made up of smaller components? Do we have to worry about 


its composition and structure? 
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Answers to End of Section Questions 


Chapter 17 


Ql The atoms of any one element are identical 
and unchanging. 


Q2 conservation of matter; the constant ratio 
of combining weights of elements 


Q3 no 

Q4 It was the highest known element—and others 
were rough multiples. 

Q5 relative mass; and combining number, or 
"valence" 

Q6 Fag SN Mik G2 

Q7 density, melting point, chemical activity, 
valence 

Q8 atomic mass 

Qa when the chemical properties clearly suggested 
a slight change or order 

Q10 Sometimes the next heavier element didn't have 
the expected properties—but did have the proper- 
ties for the next space over. 

Qll its position in the periodic table, determined 
by many properties but usually increasing 
regularly with atomic mass 

Ql2 Water, which had always been considered a 
basic element, and had resisted all efforts at 
decomposition, was easily decomposed. 

Ql3 New metals were separated from substances 
which had never been decomposed before. 

Ql4 the amount of charge transferred by the 
current, the valence of the elements, and the 
atomic mass of the element 
Chapter 18 

Ql They could be deflected by magnetic and elec-~ 
tric fields. 

Q2 because the mass is 1800 times smaller 

Q3 (1) Identical electrons were emitted by a 
variety of materials; and (2) the mass of an 
electron was much smaller than that of an atom. 

Q4 All other values of charge he found were 
multiples of that lowest value. 

Q5 Fewer electrons are omitted, but with the 
same average energy as before. 

Q6 The average kinetic energy of the emitted - 


electrons decreases until, below some frequency 
value, none are emitted at all. 


Q7 


Q8 


Q9 


Q10 


Qll 


Q12 


Q13 


Ql 


Q2 


Q3 
Q4 


Q5 


Q6 


Q7 


Q8 


Q9 


Q10 


Qll 


The energy of the quantum is proportional to 
the frequency of the wave, E = hf. 


The electron loses some kinetic energy in 
escaping from the surface. 


The maximum kinetic energy of emitted elec- 
trons is 2.0 eV. 


When x rays passed through material, say air, 
they caused electrons to be ejected from mole- 
cules, and so produced + ions. 


(1) not deflected by magnetic field; (2) show 
diffraction patterns when passing through crys- 
tals; (3) produced a pronounced photoelectric 
effect 


(1) diffraction pattern formed by "slits" 
with atomic spacing (that is, crystals); (2) 
energy of quantum in photoelectric effect 


For atoms 
must contain 
the negative 
contain; but 
lighter than 


to be electrically neutral, they 
enough positive charge to balance 
charge of the electrons they 
electrons are thousands of times 
atoms. 


Chapter 19 


It is composed of only certain frequencies of 
light. 


by heating or electrically exciting a gas 
(However, very dense gas, such as the insides 
of a star, will emit a continuous range of light 
frequencies.) 


Certain frequencies of light are missing. 


by passing light with complete range of fre- 
quencies through a relatively cool gas 


none (he predicted that they would exist 
because the mathematics was so neat.) 


careful measurement and tabulation of data 
on spectral lines 


They have a positive electric charge and are 
repelled by the positive electric charge in 
atoms. 


Rutherford's model located the positively 
charged bulk of the atom in a tiny nucleus—in 
Thomson's model the positive bulk filled the 
entire atom. 


the number of positive electron charges in 
the nucleus 


3 positive units of charge (when all 3 elec- 
trons were removed) 


Atoms of a gas emit light of only certain 


frequencies, which implies that each atom's 
energy can change only by certain amounts. 
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Ql2 


Q13 


Q14 


Q15 


Q16 


Ql 
Q2 


* 03 


Q4 


Q5 
Q6 


Q7 
Q8 
Q9 
Q10 


Qll 


Ql2 


138 


oy 


none (He assumed that electron orbits could 
have only certain value, of angular momentum, 
which implied only certain energy states.) 


Bohr derived his prediction from a physical 
model, from which other predictions could be 
made. Balmer only followed out a mathematical 
analogy. 

(a) 4.0 "eV i= Cb) "0.1 eV Gey sl eV 

The electron arrangements in noble gases are 
very stable. When an additional nuclear charge 
and an additional electron-are added, the added 
electron is bound very weakly to the atom. 


It predicted some results that disagreed with 
experiment; and it predicted others which could 
not be tested in any known way. 


Chapter 20 


It increases, without limit. 


It increases, approaching ever nearer to a 
limiting value, the speed of light. 


Photon momentum is directly proportional to 
the frequency of the associated wave. 


That the idea of photon momentum is consistent 
with the experimental results of scattering of 
x Lays by electrons. 


by analogy with the samesrelation for photons 


The regular spacing of atoms in crystals is 
about the same as the wavelength of low-energy 
electrons. 


Bohr invented his postulate just for the pur- 
pose. Schrodinger's equation was derived from 
the wave nature of electrons and explained many 
phenomena other than hydrogen spectra. 


It is almost entirely mathematical—no physical © 


picture or models can be made of it. 


It can. But less energetic photons have 
longer associated wavelengths, so that the loca- 
tion of the particle becomes less precise. 


It can. But the more energetic photons will 
disturb the particle more and make measurement of 
velocity less precise. 


«-eprobability of quanta arriving. 
As with all probability laws, the average be- 


havior of a large collection of particles can be 
predicted with great precision. 
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